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THE TRANSISTOR 


A picture report of progress 


FIRST TRANSISTORS were of this poin: con- 
tact type (picture three times life size). 
Current is amplified as it flows between 
wires through a wafer of germanium 
metal. These transistors are now being 
made at the Allentown plant of Western 
Electric, manufacturing unit of the Bell 
System. They will be used in a new selec- 
tor which finds the best routes for calls in 
Long Distance dialing. . 


ASSEMBLY PROBLEMS, such as fixing hair- 
thin wires to barely visible germanium 
wafers, have been solved through new 
tools and mechanized techniques. Fin- 
ished transistors withstand great vibra- 
tion and shock. Engineers see many 
opportunities for these rugged devices in 
national defense. 


NEW JUNCTION TRANSISTORS, still experi- 
mental, also use germanium but have no 
point contacts. Current is amplified as 
it flows through germanium “sandwich” 
—an electron-poor layer of the metal be- 
tween two electron-rich ends. This new 
transistor runs on as little as one-millionth 
of the power of small vacuum tubes. 


MOIST PAPER AND COIN generate enough 
current to drive audio oscillator using 
junction transistors. Half as big as a 
penny matchbox, an experimental two- 
stage transistor amplifier does the work 
of miniature-tube amplifiers ten times 
larger. 


MUCH HAD TO BE LEARNED, especiall; 
about the surface of germanium and the 
effect of one part in a million of alloy. 
ing materials. Transistors promise many 
uses—as amplifiers, oscillators, modula 
tors...for Local and Long Distance 
switching ...to count electrical pulses. 


tiny amplifying device 
first announced by Bell Telephone 
Laboratories in 1948 is 
about to appear as a versatile 
element in telephony. 


Each step in the work on 

the transistor . . . from original 
theory to initial production 
technique . . . has been carried 
on within the Laboratories. 
Thus, Bell scientists 
demonstrate again how their 
skills in many fields, from 
theoretical physics to production 
engineering, help improve 
telephone service. 


BELL TELEPHONE LABORATORIES 


Improving telephone service for America provides 


careers for creative men in scientific and technical fields. 












Electro-Organic Chemical Preparations, 


SHERLOCK SWANN, JR. 


University of Illinois, Urbana, Illinois 


ABSTRACT 


Lo Fs 






This is the fourth of a series of papers listing electro-organic syntheses which should 
he useful in preparative work. The review of the literature has been extended to papers 
covered in Chemical Abstracts and unpublished work in dissertations up to January 1950. 






























This review is an extension of previous lists} of amine should be n-propylhydroxylamine, with the 


electro-organic syntheses which should be useful in formula CH,;,CHeCHs.NHOH. 
preparative work to include literature covered in On p. 315 the name camphonanic acid should be 
Chemical Abstracts and unpublished work in disserta- 3-oxocamphonanic acid with the formula 


tions up to January 1950. The subjects are numbered 


as in previous publications and a list of errata and IDC i 
explanavory notes referring to previous surveys has 
been appended. | (CHs)2C 
The results of this search are classified in the fol- | 
lowing tables. H,C- CO 


and on the same line the name camphonolactone 
CORRECTIONS OF FIRST PAPER should be 3-hydroxycamphonanice acid lactone with 
the formula 


specially 
) and the 


of alloy. On p. 298 the name o-nitrobenzenesulfonic acid 


ee" should be o-nitro-a-toluenesulfonic acid with the CHs 
modula. are ‘ ‘ H.C C 
Distence formula 0o-HOO.SCHsC.H,NOs, and on the same 2% i \co 
pulses. page the name o-anilinesulfonic acid should be (CH) C 
. . ° ° ° . 3/2 
o-amino-a-toluenesulfonic acid with the formula O 
0-HOO.SCH,C,H,NHb. H.C C% 
On p. 305 the yield of 2,2’-dimethylamino-4 , 4’- H 
azobistoluene should be 86 al nen On p. 323 number 92 of the last three references 
On p. 306 the name p-nitro venzenesulfonic acid should be number 04. 
should be p-nitro-a-toluenesulfonic acid with the 
phone formula p-HOO.SCH.C,H,4N On, and on the same line CORRECTIONS OF SECOND PAPER 
, Psp azobisbenzenesulfonic acid should be PsP - On p. 463 the yield of 5,7-diodoquinolinol should 
le azobis-a-toluenesulfonic acid with the formula p,p’- be 82.4 per cent. 
Ht dos ‘H.¢ 6H ,N=NC,H,CI LS¢ dof JH. 
On p. 309 the name 2-nitropropane should be CORRECTIONS OF THIRD PAPER 
|-nitropropane, with the formula CH;CH.CH.NO,, f 
nal epee ey. On p. 105, the formula for quinhydrone should be 
and on the same line the name isopropylhydroxyl- , 
ied * Manuscript received June 30, 1951. Published by per Jf H=CH 
mission of the Direetor of the Engineering Experiment p-HOC,H,OH-O==C C= (). 
Station, University of Illinois, Urbana, Illinois. The author \ ‘H=CHZ 
has kindly consented to a delay in publication so that this 
r . _ : . - 
paper may be blishe the special Electro-Organic . : . . - 3: 
fi nay be published in the specia aaaar Satara On p. 106 the reduction of 1-nitroguanidine should 
ction t Trans. Electrochem. Soc., 69, 287 (1936); 77, 459 (1940); be in Table XV on p. 112, and CHOC ICH, in the 
88, 103 (1945). formula above it should be CHOOCCHs. 
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Part | 


COUPLING 











TABLE I 
Hydrocarbons from Alkali Salts of Aliphatic Acids by the Kolbe Synthesis 
2RCOOM + 2F — R—R (Anode) + 2CO., 

















Starting material Product Yield, per cent by wt Investigators 






















Stearic acid, Tetratriacontane, 94-95* T 


Timell! 





CH,(CH,z), «COOH CH (CH) :6(CHe) ie CHs 
Tuberculostearic acid, 9, 26-Dimethyltetratriacontane, 16.37 L. G. Ginger and R. J. Ande) 
son? 
CH, 
CH,(CH.);CH(CH,)s;COOH CH,;(CH.);CH(CHs)s 
CH, 


CH,(CH.);CH(CHse)s 
CH; 





* Yield based on total acid. 
t Yield based on free acid. 
' Svensk Kem. Tid., 68, 67 (1946). 
2 J. Biol. Chem., 187, 213 (1945). 
Tasies II, ITA, and IIB 


No new data since last publication. 


Part Il 


OXIDATIONS 





Tasies III, IV, V, and VI 
















No new data since last publication 


Oxidation of Quinoline to Quinolinic Acid 


4 \SCOOH 
| + 160H- + I6F > (Anode) [+2CQs,| 
H.SO, | N COOH 

‘ V0; ,' 

N 2 


Quinolinic acid has been prepared as the copper salt from quinoline in 77 per cent yield by Marshall Kulka 
Part III 
SUBSTITUTIONS 


Tastes VII and VITA The conversion of pyridine to dodecafluorope: 
No new data since last publication tane has been carried out in 25.2 per cent yield by 


on : J. H. Simons’. 
raste VIIB 







Fluorination of Aliphatic Hydrocarbons Tape VIII 


CH;(CH:2)«CH; + 36CH,OH-HF + 36F — CF;(CF2) CF; No new data since last publication. 
(Anode) + ISHF 

J. H. Simons and R. D. Dresdner* have carried Addition of Hypohalites to Unsaturated Compounds 

out the electrolytic fluorination of octane to octa- C.H,CH=CHCOOH + CH,OH + 2NH,C! + 2! 

decafluorooctane in 46.8 per cent yield. — CsH,;CH—CHCOOH + HO 

Oo Cl 

CH, 












Conversion of Pyridine to Fluoro Compounds 





+ 20HF + 20F — CF,(CF,);CF; (Anode) a-Chloro-8-methoxyhydrocinnamic acid has bee! 
prepared from cinnamic acid in 50 per cent yield by 


N + |5HF|) + NF ah ar 
tobert Leininger and L. A. Pasiut.. 





>J. Am. Chem. Soc., 68, 2472 (1946). 5 J. (and Trans.) Electrochem. Soc., 96, 47 (1949 
‘J. (and Trans.) Electrochem. Soc., 95, 64 (1949) ® Trans. Electrochem. Soc., 88, 73 (1945). 








ELECTRO-ORGANIC CHEMICAL PREPARATIONS, IV 


TasLe VIIIA 
Thiocyanation of Aromatic Amines 
RC.H; + 28CN~ + 2F — RC,H,SCN (Anode) + [HSCN] 


Yield, per 


c » materi: Produc 
tarting material luct cont by wt 


Investigators 
\ nisidine, 2-Amino-5-methoxyphenyl thiocyanate 57 N.N. Melnikov and EK. M. 
yp CH,OC6H4N He SCN Cherkasova? 

CHO SNH 


) 
} 


2-Amino-6-methoxybenzothiazole 


y-Phenetidine, 2-Amino-5-ethoxypheny] thiocyanate 
p-CoH,OC6H NH SCN 


C:H0¢ SNH, —> 
iy ataliaaas 


2-Amino-6-ethoxybenzothiazole 


C.H;0 ‘5 CNH, 


NJ 


Ethyl p-aminobenzoate, 2-Amino-5-carboethoxypheny]! thiocyanate f | Same’ 
p-C,H,OOCC.H,N He SCN 


4, a" 
4 \. 
C.H;0O0C?@ ‘NH: — 


Kthyl 2-amino-6-benzothiazolecarboxylate 


08,0007 5 CNH, 


\ 


7 Zhur. Obshchet Khim., 14, 13 (1944). 


TasBLe VIIIB 
Selenocyanations 


RC.H,; + 28eCN- + 2F — RC,H,SeCN (Anode) + [HSeCN] 


: Yield, per 
Starting material Product » per cent 


by wt Investigators 


V-Methylaniline, CH,NHC,H; p-Methylaminopheny] selenocyanate 20 N. N. Melnikov and 
p-CH,;NHC.H,SeCN EK. M. Cherkasova® 


V,N-Dimethylaniline, p-Dimethylaminopheny] selenocyanate Same’ 
nounds CH NCH, Pp (CH ;)2NCeHySeCN 


+) . ‘ - 4 . . ‘ 
+ 2k thylaniline, CsgH,NHC.H, p-Ethylaminopheny] selenocyanate, ‘ Same’ 


He p-C-H,;NHC,H,SeCN 


V,N-Diethy laniline, CgHsN(C2H;5)s| p Diethylaminophenyl] selenocyanate Same® 
Pp (CoH,;)2.NC.H.SeCN 


r. Obshchet Khim., 16, 1025 (1946). 























Starting material 












0 C,H, C.sH,NO 













benzyl acetate, 








CH,COOCH 





O.NCH 
| 


CH, 








acetate, 





CH,COOCKH: 
| 





O.NCH 


CH, 










2,4-Dinitrophenol, 
NO» 





p— 















'' Ber., B77, 610 (1944). 














Starting material 












Nitrobenzene, CsH;NO,z 



















































16 lbid.., B7, 113 (1948). 








p-Chloronitrobenzene, p-CICs6H,NO» 


o-Nitrophenyleyclohexane, 


t-Ethoxyv-3-methoxy-a-1-nitro-ethyl- 


SOC.H; HOCH? 
NX 


3,4-Diethoxy-a-1-nitroethylbenzy| 


HO? NO’ 


6 J. Sci. Ind. Research (India), 


7 J. Org. Chem., 18, 403 (1948) 
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Parr IV 


REDUCTIONS 


TABLE IX 
Reduction of Nitro Compounds to Amines 
RNO, + 6H* + 6F — RNH, + 2H,0 
Strong acid 


y ield, per cent 
by wt 


Product 








o-Cyclohexylaniline, 0-CgsHi,CeHyN He 84.9 . 


ephedrine, 


OCH, OCH, 


Y Soci, 
/ 


CH,CONHCH 


' 
CH; 








3,4-Diethoxy-N-acetylnorephedrine 


OCH; 
H a , 
HOCH? SOC Hs 
OCH, | = 


CH,;CONHCH 


CH; 





p-Chloroaniline, p-ClCgH N He 90 Karl Elbs?® 


Jozsef Kovacs'?, 
V. Bruckner, G. Fodor, J 
Kiss, and J. Kovaes" 





Investigators 








H. MeGuine and 
Dull’ 


1-Ethoxy-3-methoxy-N -acet ylnor- 76 Viktor Bruckner, Joseph 


Kovacs, and Koloman 


Kovacs" 









2,4-Diaminophenol, 80.8 B. B. Dey, B. R. Pai, 
NH, and R. K. Maller" 
° 2 : 
HO? NH. 





* (bungsbeispiele fiir die elektrolytische Darstellung chemischer Priiparate,’’ 2nd ed. (1911) 
0 J. Am. Chem. Soc., 69, 1469 (1947) 


12 Acta Univ. Szeqediensis, Acta Chem. et Phys. |N.S.], 1, 109 (1943). 
3 J. Chem. Soc., 1948, 885. 
“4 J. Sci. Ind. Research (India) BT, 71 (1948). 


TasLe IXA 
Reduction of Aromatic Nitro Compounds to p-Aminophenols 


C,H,NO. + 4H* + 4F . » pP-HOC HANH: + [H,O} 






Yield, per cent 


) 
Product by wt 


p-Aminophenol, p-HOC.H.NHs 73.9 B. B. Dey, T. R. Govindachat 
and 8. C. Rajagopalan" 





4, 574 (1946) 








Investigators 


m-Nitrotoluene, m-CH;CsH,NO» {-Amino-o-cresol, CH, 55.2 B. B. Dey, R. K. Maller, anc 
WA IN roi 16 
2-Chloro-6-nitrotoluene 2-Amino-4-chloro-m-cresol 67 James Cason, C. F. Allen, ane 
Cl OH Cl Sydney Goodwin” 
O on vf Son 
~ NO, ~~ NH 


ELECTRO-ORGANIC CHEMICAL PREPARATIONS. IV 


TABLE X 


Reduction of a,8-Unsaturated Nitro Compounds to Saturated Amines 
RCH=CHNO, + 8H* + 8F — RCH.CH.NH, + [2H.0] 
Strong acid 


Yield, per cent 


Starting material Product by wt Investigators 


a-Methylmescaline, CH;0O 47 P. Hey® 


g Nitroisoelemicin, CH,;0 CH; CH, 


cH0¢ SCH=CNO, CHOC ~SCH,CHNH, 


mn a 
CH;0 CH;0 


8 Quart. J. Pharm. Pharmacol., 20, 129 (1947). 
Tastes XI and XII 


No new data since last publication. 


Tasie XIII 
Reduction of Nitro Compounds to Hydrazo Compounds 
2RNO, + 10H* + 10F — RNHNHR (Cathode) + [4H,0] 


Yield, per cent 


Starting material Product eds Investigators 


Hydrazobenzene, CsH;NHNHC,H; 92* ».. 2. Dex, 7.2. 
Govindachari, and 
S. C. Rajago- 


palan” 


Nitrobenzene, CsH,;NO:z 


o-Chloronitrobenzene, 0o-CIC .H,NO, o,0’-Dichlorohydrazobenzene, o-Cl-C,H,NH Same” 


o-Cl-CsH,NH 


2,5-Dichloronitrobenzene, 2,2’,5,5'-Tetrachlorohydrazobenzene Same?! 


Cl Cl 


Cl 
rs NO; ¢ \ NHNHZ S 
=” te ae ; | ee 
3 


Cl Cl 


o-Nitroanisole, o-CH,OC,H,NO, 1,2-Bis(o-methoxyphenyl) hydrazine Same?? 
o-CH,0¢ ‘sH,NH 
o-CH,0C .H,NH 


{-Chloro-2-nitroanisole 1, 2-Bis(5-chloro-2-methoxyphenyl) hydrazine Same* 
OCH; 


Cm 


OCH; 


1-Chloro-2-nitrophenetole 1,2-Bis(5-chloro-o-phenetyl) hydrazine |B. B. Dey, R. K. 
OCH; OCH; Maller, and B. R. 
sini 
Son Pai* 
\ aaa ‘ 


Cl 


* Product recovered as the benzidine. 22 Thid., 4, 642 (1946). 
Net. Ind. Research (India), 4, 559 (1946). % Tbid., B6, 77 (1946). 
1. 4, 645 (1946). * Ibid., BT, 198 (1948). 


, BG, No. 6, 75 (1946). 
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Reduction of Trichloronitromethane to Phosgene Oxime 
CC]LNO, + 2H* + 2F — CC1,NO + [H,0] 
CCLNO + 2H* + 2F — CHCLNO + [HCl] 


CHCLNO — CLC = NOH 










The reductions were carried out by H. Brintzinger, H. W. Ziegler, and E. Schneider®. The 


product was 
recovered as phosgene oxime in 65.5 per cent yield. 


25 Z. Elektrochem., 63, 109 (1949). 


TABLE XIV 


Reduction of Nitro Compounds to Hydroxylamines 










Starting material Product Yield, per cent 


by wt Investigators 










3,4-Diethoxy-a-1-nitrobenzyl acetate, N -3,4-Diethoxy-8-hydroxy-a-methylphenethy!1- SO | Jozsef Kovacs 
OC.H; acetohydroxamic acid 
CH,COOCH@ Soc. — 
| = HOCH? Socatt 
O:NCH Le 
| CH,CONCCH, 
CH, O 


H 


Tastes XV, XVI, and XVII 









No new data since last publication 


TasBLe XVIIA 
Reduction of Aldehydes to Glycols and Ketones to Pinacols 


2RCOR + 2H* + 2F — R.CCR., 
Alkali OO 


HH 












. i; Pic > 
Starting material Product Yield, per cent 


by wt Investigators 













Enanthaldehyde, CH;(CH.);CHO | 7,8-Tetradecanediol 10.7 Herbert Meister™ 









CH,;(CH,.);CHCH(CH,) ,;CH, 
0 O 
HH 
Acetophenone 2,3-Dipheny]-2,3-butanediol 77 Sherlock Swann, Jr., P. E. Ambros 
CH; CH; R. C. Dale, R. C. Rowe, H. M 
C,H; C—CC,H; Ward, H. D. Kerfman, and Syd 
oO O Axelrod? 





H H 





*% Dissertation, University of Halle (1939) 
7 Trans. Electrochem. Soc., 86, 231 (1944). 


Ne 





Tt Was 


mbrost 
H. M 


Svdne' 





TasLe XVIII 


\. new data since Jast publication. 





Reduction of Acids to Hydrocarbons 


RCOOH + 6H* + 6F H 30, RCH; + [2H.0] 


>» 





J. P. Wibaut and H. Boer®™ have carried out the 





reduction of isonicotinie N. COOH to 4- 
picoline, \ _ SCH: in 31 per cent yield. 






Tasies XIX, XIXA, and XX 
No new data since last publication. 
teference 10 in Table No. XX of Trans. Electrochem. 
Soc.. 88, 103 (1945) has been translated into French, Bull 
c. chim., [5], 12, 773 (1945). 








Reduction of Lactams to Tetrahydroquinolines 





CH, 





C ‘CH, 
| + 4H+ + 4F —> 
( CO 








< CH, 
hy 
C CH, 





+ [H,0] 





The reduction of Ilb-ethyl-1,2,3,3a,4,5,11b, 
| le-octahydro-6H-pyrido[3 , 2 , 1-jk|carbazol-6-one to 
llb-ethyl-1,2,3,3a,4,5,11b, Lle-octahydro-6H-py- 
rido|3 ,2,1-jkjcarbazole has been carried out in 73 
per cent yield by H. L. Holmes, H. T. Openshaw, 
and Robert Robinson”. 







Reduction of Phthalimide to 3-H ydroxyphthalimidine 





CO 


\ 
‘\ 








y 9 + on — 
NH + 2H* + 25 HCL 
Fg 


CO 









CHOH 
+ Le, % 








NH 










hy A. Dunet and A. Willemart®®. 





* Rec. trav. chim., 68, 72 (1949). 
* J. Chem. Soe., 1946, 910. 
YB soc. chim. France, 1948, 887. 
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This reduction was carried out in 73 per cent yield 





bo 
or 






Reduction of Isatin to 2 ,3-Indolediol 


fS—-c0 
2H+ + 2F 
bg ee ee 
VN 


H 
COH 
| 
\ _/COH 
NH 
This reduction has been carried out in 85 per cent 
yield by Buhei Sakurai*'. 


Reduction of 9-(0-lodophenyl) acridine to 
9-(0-lodophenyl) acridan and 
9-Phenylacridan 
C, H,l-o 
| ae YAN 
| | | | 4 oH+ + OF 
SA \4 \F 





KOH ~ 


‘ 
ynN Sf J 
Nd is S 


| + om 
Ww 
NH 
9-(o-lodophenyl) acridine has been reduced to 
9-(0-lodophenyl) acridan in 90 per cent yield and to 
9-phenylacridan in 95 per cent yield by J. J. Lingane, 
C. G. Swain, and Melvin Fields®. 





TaBLes XXI, XXII, XXIII, and XXIIIA 


No new data since last publication. 
Reduction of Nitriles to Amines 


RCN + 4H*+ + 4F — RCH:NH; 
HCl 


The reduction of succinonitrile NCCH:sCH:2CN to 
putrescine, HoN(CH.),NHe2 has been carried out in 
70 per cent yield by Masaki Ohta®. 


3! Bull. Chem. Soc. Japan, 17, 269 (1942). 

32 J, Am. Chem. Soc., 65, 1348 (1943). 

83 Bull. Chem. Soc. Japan, 17, 485 (1942); J. Chem. Soc. 
Japan, 63, 1762 (1942). 
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Taste XXIV 
Reduction of Alkaloids 











Starting material Product Yield, per cent 


by wt Invest, ators 





















3-Methylearbamy!lmeconin 7,8-Dimethoxy-2-methyl-1,3(2H4H) 40 A. I. Vin gradoy, 
/CHCONHCH, + 2H* + 2F —— isoquinolinedione, and V.N. Ark 
r fl: H,SO, . hangelskaya% 
: CH, gelskaya 
8) Ve \ 
CH,O\% ) CO 
Y \co | + H,O 
CH, x, | CH;,O 4 NO H; 
m | cH,0 (© | | 
6-Methylearbamy! methyl-o-veratric acid . | | 
y 
“ \CH:CONHCH, | | 
| 
mes COOH 
3 XY 
CH,0O 







2-Ethyl-1-methyl-2-pyrroline, 2-Ethyl-1-methylpyrrolidine, 








H.C CH H,C——-C Hy 
H,C CC2H, H,C CHC;2H,; 
he ‘ar 
CH; CH; 


|-Methyl-2-propyl-2-pyrroline, | 1-Methyl-2-propylpyrrolidine, 92 Same* 
H.C CH H, C———CH, 
H.C =§=©6©CC,H, HC  CHC,H, 
\n \y7 
CH; 











Butyl-1-methyl-2-pyrroline, 2-Butyl-1-methylpyrrolidine, 87 Same* 
H.C CH H,C———C H, 
| 









' 
HC  ©—CC.H, H.C CHC,H, 
Mea Na. 
N N 
CH, CH, 


* Zhur. Obschet Khim., 16, 301 (1946) 
% J. Am. Chem. Soc., 66, 2543 (1933). 










Tastes XXV, XXVI, XXVII, and XXVIII 





to 3,4,4-trimethyl-1-penten-3-ol, 
No new data since last publication. 
CH; OH 
CH;C C CH=CH, 
CH; CH; 


Reduction of Acetylene Compounds to 
Ethylene Compounds 









KC=CH + 2H+ + 2F — RCH=CH, has been carried out in 52 per cent yield by I. A 
NaOH Favorskaya”. 
lhe reduction of 3 ,4,4-trimethyl-1-pentyn-3 ol, %* Zhur. Obshchet Khim., 18, 52 (1948). 
CH; OH Any discussion of this paper will appear in a Discussto! 
CH;C C C=CH Section, to be published in the December 1952 issue o! t 
CH; CH; JOURNAL. 
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Polarographic Behavior of Organic Compounds, XI. The 
2-Bromo-n-alkanoic Acids. Influence of Substitution 
on Carbon-Haiogen Bond Fission’ 


IsADORE ROSENTHAL, CHARLES H. ALBRIGHT, AND Puiuip J. ELvInG 


The Pennsylvania State Colleae, State Colleae. Pennsulvania 


ABSTRACT 


A polarographic study of the saturated straight-chain alpha-bromo acids (acetic to 
caprylic) indicates a similar pattern of behavior for all, involving fission of the carbon- 
halogen bond and conversion to the corresponding acid. As the chain length increases. 
the ease of reduction increases at all pH values, with the one exception that bromo- 
propionic acid in the alkaline region is more difficultly reducible than bromobutvrie acid. 

Maxima effects found with the acids can apparently be ascribed to the colloidal 
behavior of the acids upon dilution with buffers in which the reducible acid has a lower 
solubility than in pure water. 

The effects of ethanol on half-wave potential, E,,2, and diffusion current, 74. have 
been investigated with representative members of the series. In the alkaline region EF, / 
becomes more negative and i, decreases as the alcohol content increases. The evidence in 
the acid region, though not eritirely conclusive, indicates the reverse effect with reward 
to Ey;2. 

The behavior of the 2-bromo-n-alkanoic acids does not follow the rule that the ease of 
polarographic reduction increases with substitution of more electronegative groups. 
The influences of structure and inductive effect are considered relative to the ease of 
carbon-halogen bond fission. The apparent differences between the present work and 
that reported by others is discussed. 






INTRODUCTION acid. There appears to be a pH-independent region 
in both the acidic and alkaline ends of the curve. 
(b) With a compound such as_ tribromoacetic 
acid, the first bromine comes off more readily than 
the second one, which in turn comes off more readily 
than the third. Of the three waves, the two more 
negative ones correspond to the two waves of 
dibromoacetic acid, and the most negative wave also 
corresponds to the one wave of bromoacetic acid. 
(c) In the reduction of analogous carbon-halogen 
bonds, iodine bonds are the most easily reduced, 
with bromine bonds next, and chlorine bonds least. 
This evidence plus other factors seems to indicate 
that the polarographic ease of reduction of carbon- 
halogen bonds alpha to a carboxyl group may be a 
function of the electronegative nature of the alpha 
carbon, i.e., the more positive the carbon, the 
greater the ease of reduction. The S-shape of the 
curve may be associated with the kinetics involved 
in the acid-anion equilibrium, and the pH-inde- 
pendent regions may be taken to indicate that 
fission of the carbon-halogen bond itself is a pH- 
independent process. 
A logical step following the work described 
seemed to be a study of the polarographic behavior 
'Manuseript received October 26, 1951. This paper of 2-bromo-n-alkanoic acids in order to see what the 
prepuied for delivery before the Detroit Meeting, October effects of increasing chain length would be. The 
¥to }!, 1951. compounds originally chosen for study were the 


This laboratory has been accumulating systematic 
polarographic data on various groups of compounds 
containing reducible carbon-halogen bonds. Previous 
papers have considered base solution environmental 
effects (1), the step-wise reduction of carbon-halogen 
bonds in mono-, di-, and trihalogenated acetic acids 
and esters (2-4), a comparison of the behavior of 
carbon-iodine, carbon-bromine, and carbon-chlorine 
bonds (2, 3), and a study of the polarographic 
reduction of equivalent adjacent carbon-halogen 
bonds (5). In addition, other studies involving 
alpha halogenated esters, ketones, and aldehydes 
are in progress or have been completed and will be 
appearing shortly. The work of investigators in other 
laboratories on halogenated organic compounds 
has been summarized elsewhere (2, 3); of special 
interest is the work of Saito on bromoacetic (6) 
and 2-bromopropionie (7) acids, which will be dis- 
cussed in some detail subsequently. 

The work cited has shown the following: 

(a) Alpha halogenated acids give an S-shaped 
curve when E}4 is plotted against pH. The sharply 
rising portion of the curve contains the pK, of the 












228 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 






C, to Cs members of the series. However, an appar- 
ent odd-even effect found with this first group of 
compounds made it necessary to study three ad- 
ditional members, the C, to Cs acids. 


EXPERIMENTAL 


The experimental conditions under which this 
study was undertaken are essentially the same as 
those previously used (3, 5). Two capillaries were 
used with m values of 0.93 and 1.04 mg/see at 
open circuit, and drop times of 6.0 and 5.8 seconds, 
respectively. A Sargent Model XXI Polarograph 
was used exclusively for the Cy-Cs acids, and both 
the XXI and a Fisher Elecdropode were used for 
the C,-Cs acids. The acids were Eastman Kodak 
white label and Sapon research grade chemicals; 
no special attempt was made to*purify them with 
the exception of the bromobutyric and bromo- 
octanoic acids; all were polarographically pure. 

The buffer systems used with the pH range 
covered were: No. 1, 0.5M KCl with added HCI, 
0.5-2.0: No. 2, NaesHPO, with added citric acid, 
2.2-7.8 (8); No. 3, 0.5M sodium acetate with added 
acetic acid, 3.6-5.9: No. 4, 0.2M KH.PO, with 
added NaOH, 7.0; No. 5, 0.1M NaeB,O; with 
added KH.PO,, 8.8; No. 6, 05M NH,CI with 
added NH,OH, 82-8.9; No. 7, 0.2M NaHPO, 
with added NaOH, 10.5-12.4. The ionic strength 
of the buffers was adjusted to the values given in the 
tables of data by the addition of potassium chloride, 
except in the case of the ammonia-ammonium 
chloride buffer where the concentration of the 
ammonium chloride itself was varied. 


DISCUSSION 


The compounds were investigated in two groups 
designated arbitrarily as water-soluble, C; to Cs, 
and water-insoluble, C, to Cs; all compounds were 
actually studied for the main part in aqueous solu- 
tion. Yet, in many ways, the designation seems 
to be a practical one. The polarographic data are 
given in Table |. Table II gives the effect of alcohol 
on a member of each group. Fig. 1 is a plot of F4 
vs. pH for the whole set of acids. 


Observed Behavior 


Certain general characteristics are true for all 
of the acids studied: (a) n from the Ilkovie equation 
is 2; (b) n obtained from the slope? goes through a 
minimum at intermediate pH values, and tends to 
increase at any one pH as the chain length does; 


2 The value of n based on the slope of the i-E curve 
represents formally the apparent number of electrons 
involved in the potential-determining step of the electrode 
reaction; it may represent the irreversibility of the electrode 
process and its variation may be of diagnostic importance. 
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01 —0.39 5.6 
Ol 0.39 5.9 
01 0.49 | 5.5 
01 0.89 4.9 
01 Fs 4.5 
01 1,22 4.6 
01 1.26 4.5 
51 1.14 2.6 
01 1.14 §.2 
.02 1.15 10.4 
Ol 1.14 5.1 
O01 1.26 4.7 
01 1.32 1.9 
O01 1.36 4.7 
01 1.29 5.1 
01 1.05 6.1 
Ol 0.92 | 4.0 
O01 1.16 4.5 


-Bromo-n-butyric acid 


ee 


.02 —0.36 1.9 
.02 0.37 1.9 
Ol 0.45 5.0 
02 0.81 3.9 
Ol 1.05 3.6 
02 1.18 3.0 
.O1 1.30 4.2 
.201 1.15 1.0 
50 1.15 2.5 
.02 1.15 4.7 
.02 1.15 | 9.5 
.02 1.15 4.6 
01 1.29 4.4 
Ol 1.36 4.7 
01 1.42 1.7 
02 1.31 4.7 
02 1.05 4.7 
.02 1.15 4.2 
02 1.11 1.7 


2-Bromo-n-valerie acid 


95 —0.30 | 5.1 
95 0.30 §.1 
95 0.35 4.8 
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95 0.69 3.9 
95 1.05 4.1 
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TABLE I—Continued 


I . Acid E : 
“1/2 td = 
pH conc f ta/¢ n® 
Ionic mM ” ” 
No trength 


2-Bromo-n-hexanoie acid 


1 0.6 0.8 | 0.056 | —0.26| 0.20 | 3.6 
| 0.5 1.6 | 0.084 0.26 0.30 3.6 
| 0.5 1.6 | 0.056 0.26 0.20 3.6 
] 0.5 1.6 0.028 0.26 0.11 3.9 
1 0.5 1.9 0.056 0.27 0.19 3.4 | 0.77 
3 0.5 4.0 0.084 0.37 0.26 3.1 
3 0.5 4.0 0.056 0.38 0.18 3.2 
3 0.5 4.0 0.028 0.38 6.09 3.2 
3 0.5 5.4 | 0.084 0.54 | 0.27 3.2 
3 0.5 5.4. 0.056 0.54) 0.18 3.2 
3 0.5 5.4. 0.028 0.54 0.08 2.9 
6 0.5 8.1 0.056 0.81 0.16 2.9 0.26 
6 0.5 8.8 | 0.112 | 0.80 0.31 2.8 
6 0.5 8.8 0.056 0.81 0.16 2.9 
2-Bromo-n-heptanoic acid 
l 0.6 0.8 | 0.049 | —0.23 0.16 3.3 
| 0.5 1.6 0.074 0.22 | 0.24 3.3 
| 0.5 1.6 | 0.049 0.22 0.17 3.6 
l 0.5 1.6 | 0.025 0.22 0.086 3.4 
1 0.5 1.9 | 0.049 0.22 0.19 3.9 0.80 
3 0.5 4.0 | 0.049 0.29 0.14 2.8 
3 0.5 4.0 0.025 0.29 0.074 3.0 
3 0.5 5.4 | 0.074 0.44 0.27 3.6 
3 0.5 5.4 | 0.049 0.43 0.16 3.3 
3 0.5 5.4 0.025 0.43 0.081 3.2 
6 0.5 8.1 | 0.123 0.61 0.35 2.8 
6 0.5 8.1 0.049 0.61 0.13 | 
6 0.5 8.8 | 0.123 0.63 0.34 2.8 0.34 
6 0.5 8.8 | 0.074 0.63 0.22 3.0 
6 0.5 8.8 | 0.049 0.63 0.13 2.7 
2-Bromo-n-octanoic acid 
l 0.6 0.8 | 0.205 —0.14 0.75 3.7 
l 0.6 0.8 | 0.041 0.14 0.12 2.9 
l 0.5 1.6 0.205 0.16 0.71 3.5 0.96 
l 0.5 1.6 0.164 0.16 0.57 3.5 
l 0.5 1.9 0.205 0.16 0.77 3.8 0.80 
3 0.5 4.0 0.205 0.22 0.62 3.0 
3 0.5 5.4 0.205 0.38 0.65 3.2 0.46 
6 0.5 8.1 | 0.205 0.60 0.53 2.6 
§ 0.5 8.1 0.205 0.60 0.57 2.8 
6 0.5 8.8 | 0.041 0.60 0.09 2.2 
6 0.5 8.8 0.205 0.58 0.61 3.0 0.54 


‘The temperature is 25°C except as otherwise noted. 
* Measured at 15°C. 
Measured at 20°C, 
' Measured at 30°C. 
* Calculated from the relation, Ein — Esn = 0.056/n. 


\¢) t« 18 proportional to C; (d) 74 decreases in the 
alkaline region as compared to the acid region (the 
lower values at pH 6.0 are due to the complexing 
lature of the phosphate buffer); (e) the temperature 


coeffioents of ig and E4 are what would be expected 
of a 


rmal diffusion-controlled process, i.e., 1.1 to 





2.1 per cent for ia; and (f) a plot of E4 vs. pH leads 





POLAROGRAPHIC BEHAVIOR—ALKANOIC ACIDS 229 


— 





to an S-shaped curve. 

Examination of Fig. 1 reveals several interesting 
points (the lines drawn are meant to be tie-lines, 
rather than smooth curves representing points). 
The actual shape of each curve is similar to those 
found previously for bromoacetic acids; however, 
in order to prevent the presence of the trees from 
obscuring the forest, only a few points have been 
given. Lines 3’ and 4’ in comparison with lines 3 and 4 
illustrate the effect of phosphate interaction in 
making £4 more negative and also show the shape of 
the curves in the very alkaline region. The high 
pH points for the other lines represent ammonia- 
ammonium chloride buffer solutions. In the acid 
region, 4 steadily becomes less negative as one 
goes up the series. After a relatively large decrease 
between the C, and C; acids, there is no narrowing 
down of the AK} between succeeding members, 
as is usually encountered in similar plots of other 
properties against chain length. In the alkaline 
region, however, there is a reversal of order between 
the C; and C, acids. This has been checked repeatedly 
by different observers in the authors’ laboratory, 
using different samples of the acids and different 
experimental apparatus. It does not occur with 
other members of the series. The exact reason for 
this anomaly is not known, but probably lies in the 
kinetics involved in transformation of anion to 
undissociated acid, or in the effect of steric factors 
on the orientation of the molecule toward the 
electrode surface. 

As the number of carbon atoms increases, the 
difference between £4 values in the acid and alkaline 
regions decreases, and the sharply rising portion 
of the S-shaped curve shifts to the region of higher 
pH values. This is indicated in Fig. 1 by a dotted 
tie-line that joins the midpoints of the S-shaped 
curves, i.e., points whose £4 value is equal to the 
average of the pH-independent EF} values of the 
acidic and alkaline regions. The direction of the 
latter shift follows the trend of the pK, values of 
the acids. The absence of a narrowing down of the 
AF} interval between succeeding members of the 
series is very strong evidence that the effect of 
increasing chain length is not predominantly one 
associated with the inductive effect of the alkyl 
group; rather, it seems to be a “steric’”’ effect asso- 
ciated with the increasing adsorption of the acids 
on the electrode. 


Effect of Alcohol 


Because of the lower solubility of the C, to Cs 
acids, a choice had to be made between the addition 
of 3.6 per cent by volume of ethyl alcohol, or reducing 
the concentration of reducible material. Since this 
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amount of alcohol usually has negligible effects on 








solution of concentration X and diluted it 
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polarographic work, it was first tried. A stock ml with buffer and in like manner diluted » m| of - 
solution in 36 per cent ethyl alcohol was diluted concentration X/2 to 50 ml, then the first cage D 
one to ten with the buffer. This dilution of the stock gave rise to greater maxima effects than the -econd ir 
solution with the attendant reduction of the alcohol It was possible on one occasion to run curves with lc 
concentration was the source of numerous difficulties, the Cs acid, in the low pH region, at concentrations a 
e.g., unpredictable maxima and erratic drop growth of 4 X 10-*mM (Table I). Two waves were observe; ‘ 
phenomena, which were of greatest magnitude in the which merged on increasing the alcohol concentration ¢% 
very acid region and disappeared in the alkaline and disappeared when the concentration of the D 
TABLE II. Effect of ethyl alcohol on Ey). and ta* PR 
Buffer Wave Pre-wave I 
Alcohol : 
Acid conc —o — — _ ef 
pH conc ul » E l , 
lonic % by vol = E, b — ‘4 ,/ 
No. cmt Ry = : a ,/¢ ed —— my #,/¢ ; 
— t 
2-Bromo-n-butyric acid a 
1 0.5 1.8 0 0.101 —0.38 0.48 4.8 0.67 | -[ 
0.5 1.8 8 0.101 0.36 | 0.43 4.3 0.61 | 5 
6 0.5 8.9 0 0.303 1.16 1.21 4.0 | 0.37 F 
6 0.5 8.9 2 0.303 1.18 1.11 3.7 0.39 mY 
6 0.5 8.9 6 0.303 1.19 1.09 3.6 0.41 3 
6 0.5 8.9 S 0.303 1.20 1.04 3.5 0.46 b 
2-Bromo-n-octanoic acid * 
l | 0.5 2.0 3.6 | 0.050 —0.22 0.20 4.0 | 1 
1 0.5 2.0 3.6 0.430 0.21 0.96 2.2 | —0.07 0.51 1.2 
| 0.5 0.9 3.6 | 0.430 0.22 1.00 2.3 0.10 0.62 1.4 7 
. > 0.9 13.6 0.430 0.18 0.82 1.9 | 0.10 0.66 1.5 ; 
1 0.5 0.9 23.6 0.430 0.14 1.10 2.6 3 
6 0.5 8.8 0.0 0.152 0.58 0.46 3.0 | L 
6 0.5 8.8 2.0 | 0.152 0.62 0.43 2.8 a | 
6 0.5 8.8 4.0 0.152 0.66 0.41 2.7 3 
6 0.5 8.8 8.0 0.152 0.71 0.38 2.5 L 
6 0.5 8.2 3.6 0.430 | 0.70 1. 3.6 
6 0.5 8.2 3.6 0.215 0.62 0.76 3.5 
- ——_——_—— - ag 


* All measurements made at 25°C. 
»’ Calculated from the relation Ei,4 — Easy = 0.056/n 


region. These and other effects lead to the following 
evaluation of the phenomena: the acids present 
in solutions showing maxima were partially col- 
loidally dispersed due to dilution of the stock 
solution and the consequent lowering of the alcohol 
content; the dispersed droplets caused the maxima. 
Addition of an acid buffer reduced the solubility 
still further and increased the amount present in 
dispersed form; the opposite occurred with alkaline 
buffers. Whether this colloidal dispersion resulted 
from low solubility or slow solubility is not known; 
aging the solution for a period of two days had no 
effect on the extent or magnitude of the maxima. 
The possibility of impurities causing the maxima 
is not ruled out, since negative results in purification 
are not strong evidence for the lack of impurity. 
Additional evidence for colloidal dispersion as a 
source of the maxima effects was observed when it 
was noticed that, if one took 1 ml of acid stock 
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acid was reduced to 5 X 10° mM. Unfortunately, 
when (ests as to the nature of these waves were 
perfor med, the high concentration solutions persisted 
in giving maxima. However, from the fact that both 
lowering the concentration and increasing the 
solubility of the reducible acid (with the alcohol) 
caused the disappearance of one of the waves, one 
can theorize that the first of the two waves was 
possibly an adsorption wave. 

Addition of alcohol in all cases caused a lowering 
of iy, an increase in the apparent n value, and more 
negative Hy values in the alkaline region. The 
effects on Ey and ¢4 are similar to those found by 
Shreve and Markham (9). The situation concerning 
the variation of FE} seems to be reversed in the 
acid region, but the evidence is inconclusive. In 
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Fig. 2. Plot of Eye for the 2-bromo-n-alkanoic acids 
against the number of carbons in the parent acid. 






addition, in the presence of alcohol, as the con- 
centration of reducible acid was increased Fj 
became more negative. No further work was done 
with aleohol systems because, though these de- 
velopments were extremely interesting, they also 
demonstrated that systems containing alcohol could 
not be easily compared to aqueous ones. In addition, 
the presence of maxima negated the increased 
solubility attained with alcohol. 

The procedure finally used was to prepare stock 
solutions that were diluted 1:1 with double strength 
buffers, prepared to have the desired characteristics 
upon dilution. The presence of maxima, the low 
concentrations of the reducible acid, and the 
tendency of the acids to go out of solution lead to 
less than the usual precision. 




















Effect of Chain Length 


Fig. 2 illustrates the decrease in £4 obtained 
over the pH range as one increases the chain length. 
Aside from the anomaly of the C; to C, acids, 
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as chain length increases, the ease of reduction 
increases. As mentioned previously, the reduction 
appears to be free of the influence of the acid-anion 
kinetics only in the acid pH-independent branch of 
the S-shaped curve; this anomaly is undoubtedly 
connected with these factors. Therefore, for the 
comparison of structural effects, the data in the 
acid region is to be preferred. 

If the usual interpretation is made that replace- 
ment of a hydrogen on the alpha carbon with a 
methyl group increases the negative nature of that 
carbon (10), then the electronegative character of 
the alpha carbon can no longer simply be considered 
to be the deciding factor as to ease of polarographic 
reduction. This is the case since increasing the 
number of halogens on the alpha carbon which 
tends to make the alpha carbon more positive, also 
makes reduction easier (2, 3). This apparent conflict 
probably has its solution in the operation of other 
factors such as ease of approach, and orientation to 
and adsorption on the electrode surface. 

It is felt that the adsorption factor is the primary 
one in causing the steady decrease in E4 found in the 
higher members of the acid series. Support for this 
hypothesis is found in measurement (11) of the free 
energy of adsorption of the normal primary alcohols 
from the vapor phase on to mercury. In this case, 
the increase in free energy of adsorption is fairly 
constant in going from butyl to amyl and from amyl 
to hexyl alcohols. Thus, the shift in #4 would arise 
in the manner as the formation of an adsorption 
wave, except that in this case the adsorption step 
would involve all of the material being reduced and 
would be rapid enough so that it would not reveal 
itself as a rate-determining step. At the present time 
the magnitude of these effects is not known, 
though the free energy changes found in the vapor 
studies of the alcohols correspond to shifts of the 
order of +0.01 volt. However, if the mechanism 
could be definitely established, then the present 
experimental evidence could be used to evaluate 
the magnitude of some of the masking factors 
mentioned in previous paragraphs. 

The behavior of these acids upon increase in size 
of. the alkyl substituent shows that Shikata and 
Tachi’s (12) rule that organic compounds are more 
easily reduced polarographically as more electro- 
negative groups are substituted in the compound 
is not of universal applicability. 

Saito, in his work on bromoacetic and 2-bromo- 
propionic acids (6, 7), arrives at certain conclusions 
which are in disagreement with the work done in 
this laboratory. His values of £4 are considerably 
higher than the values reported here; more im- 
portantly, he finds that in the alkaline region 
bromoacetic acid is more easily reduced than 
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2-bromopropionic acid. An investigation of his 
work shows that while his data are probably correct, 
his conclusions are in certain respects wrong .and 
misleading. To understand properly the cause of 
these difficulties, the experimental conditions under 
which the work was done must be examined. In his 
work on 2-bromopropionic acid (done at 25°C with 
three runs at 0°C and with EF} given vs. N.H.E.), 
Saito used a lithium bromide-lithium hydroxide- 
lithium dihydrogen phosphate buffer whose initial 
ionic strength of about 0.4 was cut by one-half 
through dilution with a stock solution of 2-bromo- 
propionic acid. To this was added one part in 
50 of a 1 per cent solution of methyl red to suppress 
maxima. The solvent used in preparing the stock 
solution of methyl red, presumably ethy! alcohol, is 
unspecified. 

In his work on bromoacetic acid (done at 0°C vs. 
8.C.E.), Saito does not specify the concentrations 
of the buffers used; further, in the alkaline region 
he uses a borate buffer in place of a phosphate 
buffer. Since there seems to be no trouble with 
maxima, methyl red is not used. The comparison 
of the two acids is made in Table IV in the paper on 
bromoacetic acid (6). After correcting the Fj 
values for 2-bromopropionic acid to be vs. 8.C.E., 
Saito gives values of —1.43 and —1.45 volts for 
bromoacetic and 2-bromopropionic acids, respec- 
tively. An examination of the original data on 
2-bromopropionic acid (7) reveals that an error was 
made in that Saito used the values of F4 taken at 
25°C and compared them to the O°C values for 
bromoacetic acid. The actual values used in the 
comparison should have been —1.43 and —1.56 
volts at 0°C for bromoacetic and 2-bromopropionic 
acids, respectively. Therefore, it would appear 
superficially that Saito’s conclusion as to relative 
ase of reduction is even more valid, yet this is 
not the case. 

It has been pointed out that, with 2-bromobutyric 
acid, changes in ionic strength of 0.5 units or changes 
in buffer nature can cause £4 to vary by as much as 
0.25 volt (1). Accordingly, Saito is not justified in 
comparing the ease of reduction of two acids in 
media of presumably different ionic strength and 
different buffer constituents. 
bromopropionic acid under conditions similar to 
those used by Saito in respect to methyl red, buffer, 
ionic strength, and concentration of reducible acid 
(with the exception that the buffer consisted of 
lithium chloride, lithium hydroxide, and potassium 
dihydrogen phosphate) gives an £3 value of —1.41 
volts. Allowing for the slight differences in buffer 
composition, the fact that with highly irreversible 
waves the manner of current recording leads to 


A series of runs done in this laboratory on 2- 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY Ji 








€ 1952 


slight shifts in £4, and the unknown factor of the 
solvent used with the methyl red, the agree: ient oj 
our value with Saito’s is close. At the same | ime. , 
check run made under the conditions given in this 
paper with a 0.5! ammonium chloride-ammoniyn 
hydroxide buffer gave the original value of —| 1; 
volts. This illustrates what has been pointed oy 
previously (1), i.e., the nature of the base solutioy 
is a critical factor in comparing two compounds. 
Using Saito’s conditions with bromoacetie ac 
the £4 value found was 1.45 volts which supports 
the conclusion arrived at here, i.e., bromoacetiec acid 
is more difficultly reduced than 2-bromopropionic 
acid. The difference between the two acids found 
using Saito’s conditions is of the same order of 
magnitude as was found here with the ammonia 
buffer. Of course, one cannot compare these values 
with Saito’s values for bromoacetic acid since the 
latter were done at 0°C under unspecified conditions 

In the acid region Saito’s value for the FE of 
2-bromopropionic acid is 0.1 volt more negative 
than the value reported here, and again the situation 
is similar to that discussed for the alkaline region, 
However, in the acid region, using similar buffers 
for both acids, Saito finds that bromoacetie acid is 
more difficultly reduced than 2-bromopropioni 
acid which, of course, checks what is reported here 

There are also areas of agreement between Saito’s 
work and the present paper. The general shape of thi 
ky vs. pH curve is the same; in both cases, the » 
values go through a minimum at the same pli 
there is a similar decrease in diffusion currents in thy 
alkaline region as compared to the acid region 
and the ig/em! t* values are similar, Also there is 
agreement that throughout the reductions are dif 
fusion-controlled. 

In concluding this discussion of Saito’s work 
attention must be focused on what is felt are his 
erroneous deductions concerning the nature of th 
Ey vs. pH curves for the bromoacetic and 2-promo- 
propionic acids. Saito and the present authors agree 
that the acidic pH-independent region marks the 
reduction of the carbon-halogen bond in the undis 
sociated acid, the alkaline pH-independent region 
the reduction of the carbon-halogen bond in th 
anion, and the intermediate pH-dependent regio! 
the reduction influenced by the effects of the acid- 
anion equilibrium. However, Saito maintains that 
there is an abrupt change between the pH-dependen' 
region and the alkaline pH-independent regio! 
and cites evidence from his work on bromoacet! 
and 2-bromopropionic acids. In the latter case 
using only concentrations of reducible acid greate' 


than 5 mM Saito could not obtain waves in the 


pH region of 6.1 to 6.8, though he did get curre!!' 
producing processes starting at —0.26 volt 
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\.H.. These currents rose with a slope similar 
‘otha! ound at pH 8.1 where at lower concentrations 
than those employed at pH 6.1 to 6.8, Saito found 
maxima. In view of the clear waves reported in this 
paper, it is felt that the reason for Saito’s inability 
to find waves with a definite limiting portion was 
due to severe maxima which either he did not follow 
out far enough, or which ran into the buffer cation 
decomposition curve. In the case of bromoacetic 
acid, Saito did find waves at every pH used. How- 
ever, in comparing an acetate buffer at pH 5.5 with a 
borate buffer at the same pH, he found a difference 
of 0.2 volt. The value he found with the borate 
buffer at 5.5 was essentially the same as that using a 
borate buffer at higher pH values. Therefore, he 
concludes that there is a finite jump between the 
intermediate and alkaline pH regions. His conclu- 
sions can be easily shown to be wrong. 

In the work done on 2-bromo-n-butyric acid (1) 
as well as the work here reported on 2-bromopro- 
pionic acid, it is shown that using two different 
buffers at the same pH and ionic strength can lead 
to differences of even more than 0.2 volt in buffers 
such as acetate and phosphate, or ammonium 
chloride and borate or phosphate. Secondly, in 
using a borate buffer at pH 5.5, where it has no 
buffering capacity, with a reducible species con- 
centration of 0.01M, the actual pH at the electrode 
interface is considerably higher than that measured 
in the bulk of the solution; this is due to the con- 
sumption of hydrogen ions in the electrode process 
and would result in an £4 value corresponding to a 
higher pH level. Furthermore, in a previous paper 
from this laboratory (3), continuous £4 vs. pH 
curves were obtained for bromoacetic acid with 
values taken at very close pH intervals. It thus 
appears to the authors that Saito’s conclusions 
on this aspect of the £4 vs. pH curves are based on 
lalse premises concerning the significance of his data. 

Closer examination of Fig. 2 allows one to specu- 
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late that the narrowing down of the £4 interval 
between acids, as chain length increases, occurs in 
the C, to Cy, interval, where the change in contri- 
bution to the electronegativity of the alpha carbon 
would be greatest, followed by a period of uniform 
decrease due to a “steric’’ factor. 

It is hoped that the tertiary 2-bromo-alkanoic 
acids may be investigated since their behavior may fur- 
nish the key to answering the question as to the role 
of the electronegative nature of the alpha carbon 
in determining the ease of polarographic reduction. 
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A Hydride Bath for the Electrodeposition of Aluminum 


Dwicut E. Coucn anp ABNER BRENNER 
National Bureau of Standards, Washington, D. C. 


ABSTRACT 


A process was developed for the deposition of aluminum from an ethereal solution of 
aluminum chloride and a metal hydride. The best deposits were obtained from an ethyl 










ether solution that was 2 to 3M in aluminum chloride and 0.5 to 1.0M in lithium hydride. 
The deposits were quite ductile, and deposition rates of 0.025 to 0.05 mm per hour were 
possible. Deposits 0.5 to 0.75 mm thick were produced with hardnesses of from 37 to 97 


Vickers. 


An investigation of the effect of various inorganic addition agents on the type of 


INTRODUCTION 


Because aluminum is so much less noble than 
hydrogen, it probably cannot be deposited from 
aqueous solution. For that reason most of the work 
on the electrodeposition of aluminum has been 
conducted with nonaqueous systems, in which 
hydrogen was not present in an ionizable form. The 
commercial method of producing aluminum from a 
bath of fused cryolite and aluminum oxide is well 
known. Because this bath operates at a temperature 
above the melting point of aluminum, the metal is 
produced in a fused state, and hence it is not suitable 
for electroplating or electroforming. For these rea- 
sons an investigation was made to determine the 
possibility of depositing aluminum from nonaqueous 
solution at room temperature. 


Previous Methods of Depositing Aluminum 


In 1854 Bunsen (1) electrodeposited aluminum 
from a fused aluminum chloride-sodium chloride 
bath. The use of a fused fluoride bath for coating 
sheet steel with aluminum was patented in 1924 (2). 
Since then Chittum (3) used a fused aluminum 
chloride-lithium chloride bath to prepare deposits 
of aluminum 0.013 mm thick. Zeerleder (4) added 
small amounts of lead to a fused aluminum halide 
bath to prevent the formation of crystalline deposits. 
Yntema and coworkers (5-7) obtained smooth 
deposits of aluminum from aluminum halides with 
added sodium or potassium halide. Dendrites of 
aluminum were deposited from aluminum chloride- 
sodium chloride melts by Kroll (8). Lovell and 
Phillips (9) deposited aluminum as pure flakes from 
fused aluminum bromide and sodium bromide. 
Kameyama (10) produced deposits 0.013 mm thick 
from the fused aluminum bromide-potassium bro- 


‘Manuscript received October 27, 1951. This paper 
prepared for delivery before the Detroit Meeting, October 
9 to 12, 1951. 





deposit produced from the fused aluminum bromide-potassium bromide bath was made. 


mide melt by using superimposed alternating curren} 
on the direct current. Fink and Solenki (11) carried 
out a rather detailed investigation of the aluminum 
chloride-sodium chloride bath. They were primarily 
interested in producing pure aluminum crystals 
and not in obtaining a coherent deposit. 

A large amount of work has been done with baths 
consisting of aluminum chloride or bromide, either 
fused or dissolved in various organic compounds 
Plotnikov (12) made several conductance measure- 
ments of aluminum bromide in various organi 
solvents but did not obtain any coherent deposits 
Patton (13) electrodeposited aluminum from a 
40 per cent solution of aluminum bromide in ethy! 
bromide. Acetone and alcohol solutions were tried by 
Mott (14) without success. Rohler (15) deposited a 
few metals from formamide solution but was not 
able to obtain deposits of aluminum or magnesium 
A process for aluminum deposition was patented (16 
using acetonitrile as a solvent, but neither the 
thicknesses nor the properties of the deposit were 
stated. One of the earliest successful low-temperature 
fused salt baths for the deposition of aluminum was 
that of Keyes and Swann (17, 18) who used a melt 
of aluminum bromide and _tetraethylammoniun 
bromide. They also used (19) some alkyl aluminum 
halides dissolved in ethyl ether as a plating bath 
Acetamide (20) was found to be unsatisfactory as 4 
solvent for aluminum deposition. However, irot- 
aluminum alloys containing 17 per cent aluminum 
were deposited from formamide (21). Taft and 
Barham (22) were unable to deposit aluminum 
from liquid ammonia. The aluminum bromide 
ethylbromide-benzene baths developed by Blue 
and Mathers (23) gave thin coherent ductile de- 
posits. Audrieth, Long, and Edwards (24) found 
that fused pyridine hydrochloride would dissolve 
many metals or metal oxides. From this bath the) 
were able todeposit several metals but not aluminum 
Aluminum alkyls dissolved in toluene or xylene 
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have also been used as a plating bath (25). Wier 
and |lurley (26) patented a bath which was basically 
similar to that of Keyes and Swann in that it 
consisted of a quaternary ammonium compound, 
ethy! pyridinium bromide, and aluminum chloride. 
This hath may be operated either as a fused bath 
or mixed with benzene or toluene as a more practical 
low-temperature bath. From this bath at room 
temperature Wier and Hurley produced deposits 
of aluminum several tenths of a millimeter thick. 
The bath was very sensitive to moisture and to 
electrolytic decomposition. However, it was the 
most successful bath reported in the literature up to 
that time. Safranek, Schickner, and Faust (27) 
worked with the Wier and Hurley bath, and, with 
proper addition agents and engineering, were able to 
produce good deposits of aluminum about 0.5 mm 
thick. If the mole ratio of aluminum chloride to 
ethylpyridiniu:n bromide was not properly adjusted 
or if the current density was too high, the electrolytic 
decomposition was especially severe. In general, 
all of the organie baths thus far described were very 
sensitive to atmospheric moisture. Many of them 
underwent electrolytic decomposition after being 
operated for a short time and then yielded poor 
deposits. 


Arrempts TO IMPROVE KNOWN MerTuHops 


In the first phase of this investigation of the 
electrodeposition of aluminum, the fused salt baths 
were studied with a view toward possible improve- 
ment in two respects: (a) by producing a fused 
bath with a low melting point, preferably fluid a 
room temperature. Aluminum bromide melts a 
98°C, and it was possible that the melting point 
of a eutectic mixture would be appreciably lower; 
and (b) by improving the character of the deposit 
from the fused baths so that thick, smooth coherent 
plates could be produced on other metal surfaces. 
Although considerable work was done with fused 
baths, the results were not sufficiently novel to 
warrant discussion in any detail. The attempts to 
produce a fused bath with a low melting point were 
not successful, as the maximum lowering of the 
melting point of aluminum bromide was only about 
10 degrees. With regard to (b), the low-temperature 
fused salt baths reported in the literature were 
checked. Thin, coherent, ductile deposits were 
obtained from the aluminum bromide-potassium 
bromide bath, which was then chosen as the most 
promising bath for further investigation. The 
following paragraphs give a summary of this work. 

Fused aluminum bromide is a nonconductor, 
but ii may be made to conduct by adding another 
salt, such as a halide of an alkali metal or of 
ammonium or a quaternary ammonium radical. 
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These salts form complex salts of the type, RALX,, 
which ionize and give conducting solutions. The 
aluminum bromide-potassium bromide bath is the 
most stable and can be operated at temperatures 
ranging from 100° to 300°C. As the higher tempera- 
ture seemed to offer no advantage, the baths were 
operated at 120° to 150°C. An insoluble tungsten 
anode was used. Aluminum anodes corroded satis- 
factorily, but the impurities in them caused rough 
deposits. Enclosing the aluminum anodes in glass 
cloth bags effected an improvement, but the deposits 
were still not as smooth as with the insoluble 
anodes. 

Attempts were made to find a stable addition 
agent which, when added to the melt, would prevent 
the growth of dendrites and yield smoother deposits. 
Many inorganic compounds were added to the 
bath in concentrations of 0.01, 0.1, and 1.0 per cent 
by weight. The results are shown in Table I. Of 
the substances tried, compounds of lead, chromium, 
and tin, sodium formate, and sodium cyanide gave 
some grain refinement and smoothing. The formates 
and cyanides were undoubtedly decomposed by the 
bath. Chromium compounds gave a semibright, 
strong, springy deposit. The other additions, lead 
and tin compounds, formates, and cyanides, yielded 
good matt deposits. The form in which the lead, 
tin, and chromium were added did not seem to 
matter; for example, lead oxide worked as well as 
lead chloride. With these addition agents smooth de- 
posits approximately 0.08 mm thick were obtainable. 
As the deposit became thicker it inevitably increased 
in roughness, and beyond a thickness of about 
0.13 mm it grew into a mass of nodules. Current 
densities of 1 amp/dm* or less had to be used to 
obtain smooth deposits more than 0.003 mm thick. 
The throwing power of the bath was poor, as is the 
case with most fused baths. The bath was very 
corrosive, owing to the liberation of bromine at the 
anode and of hydrogen bromide formed from the 
reaction of the aluminum bromide with the 
moisture of the air. 

Aluminum chloride and bromide react with a 
large number of organic solvents (28) to form stable 
compounds. Different types of phenomena may 
occur: an insoluble product may separate out; 
or the aluminum halide or the addition compound 
may remain in solution. Most of the resulting 
solutions are nonconducting. Of those that are 
conducting, very few will yield aluminum on 
electrolysis. Instead, the organic constituents of 
the bath undergo electrolytic decomposition and 
form tarry products on the cathode. The compounds 
formed by reaction of aluminum bromide or chloride 
with organic compounds containing reactive groups 
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aluminum deposited from a fused aluminum 
bromide-potassium bromide bath 


Compound added Type of deposit 


None Good thin deposits, thicker de- 


posits crystalline 
Gray, noncoherent 
Gray, rough, brittle 
No effect 
No effect 
No effect 
Not soluble, boiled off rapidly 
Noncoherent metallic flakes 
Noncoherent metallic flakes 
Slight smoothing 
No effect 
Noncoherent flakes 
Black powder 


Aluminum iodide 
Arsenic trioxide 
Antimony trioxide 
Ammonium chloride 
Bismuth trioxide 
Boron tribromide 
Boric acid 
Barium chloride 
Cadmium chloride 
Cadmium cyanide 
Calcium chloride 
Columbium penta- 
chloride 
Cobalt chloride 
Ceric acid sulfate 
Chromic chloride 
Chromic oxide 
Cupriec chloride 


No effect 

Noncoherent flakes 

Good, smooth, springy deposit 
Good, smooth, springy deposit 


black deposits 

Gallium chloride Noncoherent flakes 
Indium chloride Noncoherent flakes 
Iodine Gray, noncoherent powder 
Lanthenum oxide No effect 
Lead chloride Good, smooth, deposit 
Lead oxide Good, smooth, deposit 
Manganese sulfate Noncoherent flakes 
Magnesium chloride No effect 
Molybdenum tri- No effect 

chloride 
Molybdie oxide 
Mercuric chloride 


No effect 
Gray powder 
Potassium thiocyanate Gray, noncoherent crystals 
Potassium acetate 
Potassium molyb- 
denum chloride 
Phosphorous acid 
Silver chloride 
Sodium silicate 
Sodium sulfate 
Sodium phosphate 


Noncoherent needles 
Gray powder 


Powder 

Slight smoothing effect 
Noncoherent flakes 
No effect 

No effect 


Sodium cyanide Slight smoothing 
Sodium formate Slight smoothing 
Sodium stannate Slight smoothing 
Stannic phosphate Slight smoothing 
Stannic chloride Slight smoothing 
Stannic sulfate Slight smoothing 


Noncoherent flakes 
No effect 
No effect 
No effect 


Strontium chloride 
Titanium dibromide 
Titanium tribromide 
Titanium tetra- 
fluoride 
Zirconium sulfate 
Zirconium tetra- 
chloride 
Zine chloride 
Yttrium oxide 


Black, noncoherent 
Gray, brittle 


Slight smoothing 
No effect 


All of these baths contained aluminum bromide (90° 
by weight) and potassium bromide (10% by weight) which 
was used as a base melt. The other compounds were added 
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TABLE I. The effect of various metallic addition agents on 


Noncoherent flakes—1°% gave 
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such as CN, OH, NOs, or CO are too stable ang 
do not yield aluminum on electrolysis. 

Aluminum has been electrodeposited from nly , 
few types of organic compounds, such as quat: rary 
ammonium compounds and aromatic hydrocarbons 
Typical of the quaternary ammonium compound 
type baths was the aluminum chloride-ethy| 
pyridinium bromide bath (26), which is an analogue 
of the inorganic fused bath with the ethylpyridinium 
taking the place of potassium, probably to form the 
RAIBr, type of salt. The baths prepared. from 
aromatic hydrocarbons (21) may contain the 
aluminum in the form of an aluminum alkyl! halide 
prepared from ethyl bromide and aluminum, or 
the aluminum may be introduced as aluminum 
bromide dissolved in ethyl bromide. 

Other organic baths which were described in the 
literature were also examined. The baths prepared 
from aromatic hydrocarbons were very sensitive 
to moisture and fumed badly in air. The bath had 
to be electrolyzed for several hours before a deposit 
could be obtained, and it was not possible to build 
up thick deposits. The complex salt baths yielded 
somewhat better results. A fused bath made from 
tetraethylammonium bromide and aluminum bro- 
mide (17, 18) yielded deposits only slightly better 
than those from the fused bath with potassium 
bromide. Smooth, thick deposits could not be built 
up, but the throwing power of the bath was bette: 
than that of the potassium bromide-aluminum 
bromide bath. Of the baths mentioned in the 
literature, the most practical was the type developed 
by Wier and Hurley (26), in which the complex salt 
formed from the quaternary ammonium salt (ethy!- 
pyridinium bromide) and aluminum chloride was 
dissolved in toluene or benzene. Some experiments 
were made in an effort to improve the nature of the 
deposit and to find a substitute for the rathe: 
expensive ethylpyridinium bromide. The _ results 
are tabulated in Table II. Inorganic cations, such as 
potassium, lithium, or ammonium may be substi- 
tuted for the ethylpyridinium radical; in the presence 
of aluminum bromide the alkali metal chlorides 
dissolve in benzene or toluene. For aluminum 
deposition the mole ratio of aluminum halide to the 
other halide salt was rather critical. With low 
concentrations of the secondary halide the con- 
ductivity of the bath was low, while with high 
concentrations black powdery deposits of aluminum 
and organic decomposition products were formed. 
The deposits obtained with the inorganic halides 
were coarsely crystalline, noncoherent, and could be 
to it in concentrations of 0.01%, 0.1%, and 1.0% by weight 
A bath which contained no addition was run in series \ ith 
the other baths as a standard of comparison. Deyosils 
were about 0.03 mm thick. 
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ruboed off the cathode readily. The best deposits 
were obtained with the quaternary ammonium 
salts. Ethyldimethylanilinium bromide was about as 
catistactory as ethylpyridinium bromide. 


Tur Hyprie Tyee Atuminum P.iatinc Batu 


(umposition and operating conditions——A new 
type of aluminum plating bath was developed in 
this investigation. It consists of an ethyl ether 
solution of anhydrous aluminum chloride and a 
metallic hydride. The concentration of aluminum 
chloride was varied from 1 to 4M, but optimum 
results were obtained with a 2 or 3M solution 
(265 to 400 g/l). The hydride was added as lithium 
hydride, 0.5 to 10M (4 to 8 g/l), or as lithium 
aluminum hydride (29, 30). Sodium and calcium 
hydride were ineffective, but it seems probable that 
other hydrides would work if the proper conditions 
were obtained. The bath was operated at room 
temperature and at current densities up to 5 amp/ 
dm?. Higher temperatures 40-60°C were tried but 
they gave no improvement in the deposit. Deposits 
0.5 mm thick have been obtained. Anode and 
cathode current efficiencies were about 100 per 
cent. Agitation of the bath tended to stir up the 
sediment which normally settled to the bottom of the 
plating cell, thus causing some roughness of the 
deposit. 

The plating baths used in the early stages of the 
project were contained in beakers fitted with a 
polyethylene lid. Anodes of aluminum rod, 0.6 cm 
in diameter, passed through the lid, which was 
taped to the top of the beaker. The cathode was 
placed in the bath and removed through the hole 
in the lid which was closed when the bath was not in 
use. Due to the high concentration of the aluminum 
chloride in the ether the bath was not as dangerous 
or as flammable as would normally be expected. The 
atmosphere above the solution in a closed bath 
contains ether vapor; therefore, all electrical con- 
nections to the bath should be made so there will 
be no chance of arcing. All electrical connections 
should be made with the current off. 

A large bath with a ‘apacity of 15 liters was 
construeted so that the cathode could be put in 
through a dry-box above the bath. This dry-box 
was closed and flushed out with dry nitrogen or air, 
after which the lid of the plating vessel was lifted 
and the cathode was lowered into the bath by means 
of a rod passing through an airtight sleeve. A second 
lid attached to the cathode support closed the 
plating vessel when the cathode was in place. 
The process of passing dry air into the dry-box was 
repeited before the cathode was removed from 
the | ath, 
effective life of the bath depends upon the 


J 
| 
Potassium bromide | 
| 
| 
| 


Lithium bromide 
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conditions under which it is maintained. A sample 
of the plating bath which had been hermetically 
sealed for several months yielded deposits as good as 
those from a freshly prepared bath. If kept in a 
container which permitted the ingress of air, the 
plating solution gradually absorbed moisture and 
gave streaked and brittle deposits. This moisture 
decomposed the lithium hydride which was a critical 
ingredient of the bath. Occasional additions of 
lithium hydride were required to replace that 
decomposed by the moisture. Baths which had 
absorbed approximately 3 grams of water per liter 
of solution required the addition of aluminum 


TABLE II. Behavior of baths consisting of aluminum 
bromide and a quaternary ammonium halide or simple 
alkali halide dissolved in toluene or benzene and 

forming the RALX, type salts 


| Mole 





| . 
Added salt, RX | Aly Appearance of deposit 
RX 
Potassium bromide 2:1 | Gray powder 
5: Gray, coherent, brittle, 


crystalline 





10:1 | Gray powder 

Lithium bromide | 4:1 | White, coherent, crystalline 
Tetramethyl ammo- 

nium bromide 10:1 | Gray, brittle, crystalline 
Tetramethyl ammo- | 

nium bromide | 5:1 | White, coherent, thick de- 

| posits, crystalline 

Tetraethyl ammonium | 

bromide | 3:1 | White, coherent, ductile 
Tetraethyl ammonium | 

bromide | 2:1 | Black powder 
Ethyldimethy! ani- | 

linium bromide 2:1 | White, coherent, ductile 
Tributylethyl ammo- 

nium bromide 2:1 | Gray, very crystalline 
Tributylethy! ammo- 

nium fluoride 2:1 | Gray powder 
Ammonium chloride | 10:1 | Gray, very crystalline or 


| powdery 


chloride as well as lithium hydride for rejuvenation. 
A one-liter bath, such as was used in the preliminary 
investigation, was kept in good working order for 
three months in this manner. Fig. 1 shows some 
electrodeposits of aluminum that were made in this 
one-liter bath. 

Baths prepared with commercial anhydrous 
ether, which probably contains some moisture and 
aleohol, operated as satisfactorily as baths which 
were prepared from ether carefully dried over 
sodium. However, larger amounts of lithium hydride 
were required, and the life of the bath was shorter. 
Plating baths were usually prepared from reagent- 
grade aluminum chloride. Technical aluminum 
chloride yielded operable baths, but a larger amount 















238 





of lithium hydride was required. In such a bath 
the hydride precipitated a considerable amount of 
insoluble material, probably metallic impurities, 
which had to be removed by filtration. 

The plating solution did not require frequent 
filtration,: as the insoluble impurities from the 
aluminum chloride and the small amount of black 
anode slime settled to the bottom of the vessel 
and usually did not cause rough deposits. Ordinary 
filtering equipment could not be used, as the bath 
attacked or softened most plastics and organic 














material, and had to be protected from the moisture 
of the air. A centrifugal type filter pump was not 
suitable because of the necessity of priming. An 
enclosed filtering system (Fig. 2) was set up which 
has few moving parts and was easy to clean and dry. 
The bath was circulated through the system by 
alternately increasing and decreasing the air pressure. 
The filter pad consisted of two pieces of glass cloth. 














Fic. 1. Samples of electrodeposited aluminum prepared 
in the hydride bath. Periodic reverse current was used in 





preparing the two samples on the left. The copper basis 
metal has been chemically dissolved, leaving the aluminum 
shell 






A small amount of dry filter-aid or activated carbon 
was placed on the cloth to prevent it from clogging 
too rapidly. A perforated metal disc was laid on 
top of the filter pad to prevent it from floating 
upward. Sintered glass filter disks also were tried, 
but the bath slime clogged them rather quickly 
and they were more difficult to clean and dry. 









Continuous filtration could be accomplished by 





using solenoid valves for automatically controlling 





the air and vacuum lines, but this procedure was 
not fully developed. 







A number of different ethers were tried in place 





of ethyl ether in an attempt to develop a less volatile 





and less flammable bath, but none yielded as 






satisfactory deposits. Baths made with certain 





ethers gave good deposits at a low current density. 





Table III shows all of the ethers that were tried, 





including those that were unsuccessful. The ethers 





containing the benzene ring decomposed electro- 
lytically giving green products at the anode. This 
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decomposition was less if the current densi\\ was 
below 0.5 amp/dm?*. Aluminum chloride was | ot ag 
soluble in the higher molecular weight ether: ag jy 
ethyl ether. The straight-chain polyoxygenated 
ethers formed a rather viscous complex with the 
aluminum chloride, and the deposits from them 
were black powders which often contained lithium, 
No ether containing more than one oxygen atom 
gave a workable bath. Tetrahydrofuran was the 
only cyclic ether which could be used as a solvent. 
but the deposits from it were rather poor. Baths 
prepared from mixtures of ethyl ether and other 


























U LU 

Fic. 2. Apparatus used for filtration of the hydride alu- 
minum plating bath: A—Three-way stopcock; B—intake 
tube; C—rubber stopper; D—metal rings with bolts to 
hold the stopper in place; E—filter reservoir; F— perfor 
ated metal disk; G—two thicknesses of glass cloth; H 
perforated polyethylene or porcelain or sintered glass disk; 
and I—ground glass (solid glass ball valve). 


ethers such as butyl ether, gave satisfactory deposits. 
The ethyl ether was necessary to give the required 
solubility of the lithium hydride. 

Many addition agents were added to the bath in 
an attempt to reduce the crystallinity of thick 
deposits. Tertiary amines and hydrocarbons were 
stable (29) in the bath, but they had very little 
effect on the deposit. 8,8’-dichloroethyl ether in 4 
concentration of 4 to 8 per cent had a very pro- 
nounced effect on the deposit as shown in Fig. 3B. 
Use of superimposed alternating current improved 
the brightness of thin deposits but had very little 
effect on deposits 0.25 mm thick. To obtain this 
slight brightening effect the current density of the 
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alterniting current had to be higher than that of the 
direct current. This caused excessive heating and 
resultant evaporation of the bath. 

The smoothest deposits were obtained by the use 
of periodic reverse current (31), which involves 
making the article alternately cathodic and anodic 
according to a predetermined cycle. A higher current 
for a shorter period of time is passed during the 
anodic cycle, but the ampere-minutes are less than 
in the cathodic cycle. The cycle is repeated con- 
tinuously by means of an automatic timer and 





Current density 


Ether used for best deposits 


amp/dm? 
Dimethyl ether ats 


s-dichloromethyl ether — 
Anisole 0.5 
1,4 dimethoxy benzene ~~ 
1,3 dimethoxy benzene — 
Dimethoxy methane 
1,2 dimethoxy ethane - 
Diethyl ether 0.5-4.0 
Phenetole 0.5 
p-chlorophenetole — 
Ethyl n-butyl ether 0.5-1.0 
Ethyl vinyl ether — 
8,8’-dichloroethyl ether — 
1,4 diethoxy benzene — 
1,2 diethoxy ethane — 
1,1 diethoxy ethane _ 
1,1 di(8 chloroethoxy) ethane — 

Di n-propyl ether 
Isopropyl ether 
n-butyl ether 0.5 
Ethylene oxide aa 
Tetrahydrofuran 0.5-1.0 
Dioxane — 
Dioxolane — 
Phenyl ether 


current reverser. It is apparent that the overall 
current efficiency in the process is reduced by this 
procedure. Since the efficiency of the process is 
lowered it is necessary to use higher current densities 
in order to keep the same plating rate. Electronic 
current reversers are commercially available, but a 
much simpler apparatus was constructed in this 
laboratory by using a commercial automatic time 
switch which actuated a double-pole double-throw 
relay. These timers can be obtained with total 
cycle time of 120 seconds and with pin stops for 
intervals of 5 seconds. They are easy to wire and are 
much more reliable than the electronic timers 
mentioned above. The reverse (deplate) time for the 
best deposits was from 3 to 15 seconds with reverse 





current densities of 10 amp/dm? or higher. The 
plating time should be 10 seconds or longer and' the 
current density not over 4 amp/dm?. The total 
cycle time should be 20 seconds or longer. Short 
total cycles of 5 seconds or less gave very little 
improvement in the deposit. Periodic reverse cur- 
rent prevented the deposit from becoming coarsely 
crystalline and reduced treeing to a large extent. 
Smooth, sound deposits 0.75 mm thick were pro- 
duced, but they were harder and less ductile than 
those made with direct current. Table IV shows 


TABLE III. Ethers tried as solvents for the hydride aluminum plating bath 


Relative 
deposit 


rating 


none Aluminum chloride or reaction product was in- 
soluble 

poor Gray, noncoherent, contained lithium 

good White, ductile smooth 

poor Black, noncoherent 

poor Gray, contained lithium 

none Aluminum chloride gives a precipitate 

poor Black powder, contained lithium 

exc. White, ductile, coherent smooth 

good White, ductile, coherent smooth 

none Solution did not conduct 

good Gray, brittle, coherent 

none Decomposed by the aluminum chloride 

poor Black powder, contained lithium 

poor Black powder 

poor Gray powder, contained lithium 

none Decomposed by the aluminum chloride 

poor Black powder 

fair Gray, brittle, coherent 

none Aluminum chloride not sufficiently soluble 

poor Black powder 

none Inflames on contact with aluminum chloride 

fair Gray, brittle, coherent 

none Decomposed by the aluminum chloride 

none Decomposed by the aluminum chloride 





Type deposit and comments 







































some of the cycle times used and their effect on the 
deposit. 

Control of bath composition.—The control of the 
composition of the plating solution was simple 
because the only constituent which changed ap- 
preciably in concentration was lithium hydride. 
When the lithium hydride content of the bath 
fell below 3 or 4 g/liter, the deposit became hard, 
dark, and streaked, although somewhat smoother 
and less coarsely crystalline than the normal deposit. 
The concentration of hydride was determined by 
measuring the volume of hydrogen liberated when a 
5 to 10 ml sample of the bath was decomposed 
by water. The gas evolved was passed through 
activated silica to remove ether vapor before the 
volume of hydrogen was measured. A similar 















































Fic. 3. Photomicrographs of aluminum electrodepos- 
ited from the hydride bath. 100. Kellers etchant used. 














Current 
Sample density Comments 
amp/dm? 
A 2 Periodic reverse current 
B 2 Bath contained 8,8’-dichloroethyl ether 
C ] No addition agent 





method of determining the hydride content of ether 
solutions described by Krynitsky (32) is based 





on the measurement of the gas pressure without 
eliminating the ether. 






The concentration of the aluminum chloride in 
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the bath can be determined approximate! by a 
density measurement as shown in Fig, This 
accuracy is sufficient for operating purpose~, gine, 
the operation of the bath is not sensitive to th 
concentration of aluminum chloride. The determing. 
tions of aluminum and lithium were made by 
decomposing a 5-ml sample with water. The alumi. 
num was then precipitated as the hydroxide wit) 
ammonia and ignited. The filtrate was evaporated 
to dryness and the ammonium chloride was vols. 
tilized. The lithium chloride was converted ty) 
sulfate and weighed. 

Adhesion of deposits——The aluminum can lbp 
deposited upon all of the common metals, but the 
adhesion was not satisfactory. Although no spon 
taneous peeling or blistering occurred, thick deposits 
could usually be removed by bending the object , 
number of times to initiate separation, which could 
be continued by peeling. The subject of adhesion 
was not thoroughly investigated, but it is believed 
that procedures for obtaining a satisfactory adhesion 
can be worked out. 

A procedure was developed for obtaining good 
adhesion to titanium. The specimen was anodically 
etched for 2 minutes in a 3M solution of aluminum 
chloride in ethyl ether, transferred to the aluminum 
plating bath, and then etched again anodically fo 
about 15 seconds. The current was then interrupted 
and the specimen was agitated for about 5 seconds 
to disperse the anode film. The specimen was the: 
made cathodic and plated in the normal manner 
The reason for the preliminary etch in the aluminum 
chloride-ether solution was to prevent contaminatio! 
of the aluminum bath, as too much titanium in th 
bath prevented deposition of aluminum. 

After an aluminum deposit had been removed 
from the plating bath into the air, a subsequent 
deposit of aluminum would not adhere to th 
initial deposit. To secure good adhesion on this 
aluminum surface the same procedure was used as 
that described above for plating on titanium, 
except that the whole process was conducted in the 
aluminum plating bath. 


MECHANISM OF DEPOSITION 


The hydride bath developed in this investigation 
presents some points of theoretical interest inasmuch 
as hydrides have not been used previously in plating 
baths. The role of the hydride in making the bath 
operable seemed worthy of some study. A preliminary 
investigation was made which included measure- 
ments of resistivity, transference, and polarization 
The main facts relating to the effectiveness of the 
hydride in producing a practical plating bath ca! 
best be brought out by considering the phenomena 
accompanying electrolysis of solutions mace Up 
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from only two of the three constituents of the 
aluminum plating bath. An ethereal solution of 
aluminum chloride had a high resistivity, and on 
electrolysis evolved a gas and deposited a black 
powder at the cathode. A smaller amount of gas 
was evolved at the anode. The deposit contained 
metallic aluminum, but was not further examined. 
An ethereal solution of lithium aluminum hydride 
also had a high resistivity and on _ electrolysis 
vielded a black deposit which contained both 
lithium and aluminum metal, probably as an alloy. 
Lithium chloride by itself had only a small solubility 
in ether, but it dissolved sparingly in an ethereal 
lution of aluminum chloride to form a moderately 
conducting solution. On electrolysis this solution 
vielded a gas and a black deposit at the cathode. 
The addition of only 3 to 4 g of lithium hydride 

































Current density 


Time of 
— amp/dm? 





Time of 
omplete cycle 






plate reverse plate reverse 












23 20 3 6 18 
il 10 1 8 24 

5.2 5 0.2 7 3 10 
23 20 3 3 10 
23 20 5 15 
21 0 «| 1 3 10 
16 40 6 3 12 
S4 SO 4 3 12 
168 160 8 3 12 











to a liter of an ethereal aluminum chloride solution 
considerably decreased the resistivity of the bath 
and changed the nature of the cathode deposit from 
a black powder to a white ductile plate of aluminum, 
with no gassing at the electrodes. Apparently three 
constituents were necessary for a successful plating 
bath: ether, aluminum chloride, and lithium hydride. 
Although the concentration of lithium hydride 
seems rather small, its molar concentration is ap- 
preciable, being about 0.5M. 

Part of the difficulty in obtaining a deposit from a 
freshly prepared bath made according to Blue and 
Mathers (23), or according to Wier and Hurley 
(26), seemed to be the presence of hydrogen 
halide. The preliminary working of the bath that 
preceded the deposition of a satisfactory deposit 
apparently served to eliminate the hydrogen halide. 
This was achieved more readily by adding a small 
quantity of sodium or lithium hydride to these 
plating baths. When this was done, deposits of 
aluminum were obtained without preliminary elec- 
trolysis and for a time the baths lost their tendency 
lo eve!ve fumes. 























TABLE IV. Effect of various time and current density ratios on the electrodeposited aluminum made with periodic reverse current. 
All deposits were approximately 0.25 mm thick 
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The effectiveness of lithium hydride in promoting 
the deposition of aluminum from the ethereal 
solution may be attributed either to a catalytic 
effect, similar to that exerted by the sulfate ion in a 
chromic acid bath, or to the formation of a complex 
electrolyte. This work indicated that the latter 
hypothesis is the more probable. The compound 
which is responsible for the deposition of aluminum 
seems to be a complex of lithium hydride, aluminum 
chloride, and ether. Evidence for this comes from 
the measurements of resistivity and of ion migration, 
which will be discussed later. On the basis of this 
hypothesis the life of the bath depends on the 
reaction of the complex ion at the electrodes. 
Two possible reactions may occur: (a) the ion may 
be regenerated by anodic solution of aluminum 
and therefore an indefinite amount of aluminum 






Time ratio: 
plate 


Effective plating 
current density 
amp/dm? 


Type of deposit 
reverse 


7 3 Rough nodular 

10 5 Rough nodular 

25 2.5 Coarsely crystalline 
7 1.3 Smooth matt 

7 2.4 Rough nodular 

20 2.4 Coarsely crystalline 
7 1.3 Very smooth 

20 2.4 Very smooth 

20 2.4 Very smooth 
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MOLAR CONCENTRATION OF ALUMINUM CHLORIDE 


Fig. 4. The specific gravity of solutions of aluminum 
chloride in ethyl ether. 


may be deposited from a small amount of the 
complex; and (b) the complex ion may be completely 
decomposed when discharged at the cathode, in 
which case the amount of aluminum deposited 











would correspond to the initial content of hydride 
in the solution. The results of experiments favor 
(a), although the evidence is not conclusive. An 
unlimited amount of aluminum cannot be deposited 
from a given amount of hydride, but the quantity 
is much larger than that corresponding to (6). 
About 7.5 g of aluminum was deposited from a bath 
containing 1 g of lithium aluminum hydride. This 
is equivalent to the deposition of 10 moles of alumi- 
num from | mole of the hydride. Experiments made 
to determine the cause of the eventual loss of hydride 
indicated that it was decomposed by exposure of the 
plating solution to the moist air when specimens 
were placed in or removed from the bath. An 
electrolysis conducted in a gas-measuring vessel 
demonstrated that very little gas was evolved from 
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Fic. 5. The effect of increasing concentration of lithium 
hydride on the resistivity of a 3M aluminum chloride 
solution in ethyl ether. These values are based on lithium 
analysis, not on hydride analysis. 


either the cathode or anode during aluminum 
deposition, thus showing that the hydride was not 
decomposed electrolytically. 

Resistivity measurements.—The resistivities of the 
nonaqueous solutions were measured with a com- 
mercial instrument using 1000-cycle alternating 
current. No high precision was attempted, but the 
measurements were probably accurate to within 
5 per cent. Measurements made at two different 
frequencies showed a small amount of polarization 
in the cell. This polarization correction was applied 
to the data used in Fig. 5 and 6. Fig. 6 shows that 
the addition of 1.5 moles of lithium hydride to a 
liter of 3M solution of aluminum chloride in ethyl 
ether lowers the resistivity of the solution from 
about 220 ohm-cm to about 69 ohm-cm. The decrease 
in resistivity is probably limited by the solubility 
of lithium hydride in the bath, as the solution was 
saturated at this concentration. The resistivity of 
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solutions of aluminum chloride in ethyl eth r tha; 
were saturated with lithium hydride is shvowy jy 
Fig. 6. The resistivity is a minimum in a 2- to 3) 
solution of aluminum chloride. An analysis of the 
hydride content of the 2M and the 5M solutions 
showed that the hydride concentration in the 
latter solution was the lower. The 3M aluminuy 
chloride aluminum plating solution was the most 
satisfactory to operate. Apparently it owes its 
better characteristics, as compared to the more 
concentrated solution of aluminum chloride, to the 
higher solubility of lithium hydride. The resistivity 
of the 3M aluminum plating solution is about § 
times that of a 1M aqueous solution of potassium 
chloride and, therefore, required the expenditure 
of more electrical energy than an ordinary aqueous 
plating bath. A number of salts were added to the 
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Fic. 6. The effect of increasing concentration of alumi 
num chloride on the resistivity of the bath. All of the baths 
were saturated with lithium hydride. 







bath in an effort to reduce its resistivity, but without 
success. Since the bath has a relatively high re- 
sistivity, it tends to heat up slightly when operated. 

The decrease in resistivity resulting from the 
addition of hydride to an ethereal aluminum chloride 
solution may be caused either by the formation 
of a hydride complex with the aluminum chloride 
or by the formation of lithium aluminum chloride 
To throw some light on this point, the resistivity 
of a solution containing lithium chloride in a 3! 
ethereal solution of aluminum chloride was measured 
The saturated solution was 0.75M in lithium chloride 
and had a resistivity of about 85 ohm-cm, which }* 
approximately the resistivity of an ethereal solution 
0.75M in lithium hydride. This evidence indicates 
that some of the current is carried by a lithium 
aluminum chloride complex formed from the lithium 
hydride. However, some of the current in the 
plating bath must be carried also by the eomple\ 
hydride ion, because, on addition of lithium hydride 








































































1959 


that 
1 in 
» 3M 
f the 
tions 

the 
inum 
Most 
$ its 
more 
O the 
tivity 
ut § 
ssium 
liture 
ueous 
0 the 


= 


| 
| 
| 


NDE 


alum 


e baths 


ithout 
gh re- 
rated. 
m_ the 
rloride 
nation 
hloride 
loride 
stivity 
a 3M 
ssured 
hloride 
hich 1s 
olution 
dicates 
jithium 
jithium 
in the 
omplex 
vvdride 





Vol. 19, No. 6 






to (ue solution saturated with lithium chloride, 
the resistivity dropped still further to the minimum 
value of 69 ohm-em. The conductivity of the ether 
solution is not directly related to the deposition 
of aluminum, because no satisfactory deposit was 
obtained from the lithium chloride-aluminum chlo- 
ride-ether solution in spite of its appreciable 
conductivity. 

The best evidence for the existence of a complex 
hydride ion in the plating bath came from some 
experiments on ion migration. A special cell was 
constructed (Fig. 7) which permitted the solution 
in the cell to be well mixed before actually beginning 
the experiment. This was necessary because the 
solution absorbed moisture when poured into the 
apparatus and the hydride content of the solution 
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Fig. 7. Cell for ion migration experiments on the hydride 
aluminum plating bath: A—Cathode section; B—middle 
section, hollow glass stopcock; and C—anode section. 


in the three compartments tended to vary. There- 
fore, the solution was electrolyzed for a time after 
being poured into the cell, then mixed by pouring 
over into the anode compartment which was large 
enough to hold the total contents of the cell. When a 
run was completed, the stopcock (Fig. 7, B) was 
turned, thus separating the three chambers. A 
detailed analysis of the experiments will not be made 
here. The results showed a definite increase in the 
hydride content of the anode chamber and a decrease 
in the cathode chamber, which indicates that a 
complex hydride ion exists in the solution, perhaps 
(AIC],H- Etherate)~. 

Polarization measurements.—The measurements 
of the cathode and anode potentials during operation 
of the aluminum plating bath were not very re- 
producible and therefore will not be discussed in 
detail. The potentials were measured by the capillary 
tip n.ethod. As a reference electrode, an aluminum 
wire vas used, The static potential of a cathode in a 
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3M solution of aluminum chloride in ether fluctuated 
too much to permit a precise reading to be obtained, 
but the polarization was in excess of 1 volt even at 
current densities as low as 0.5 amp/dm*. The 
cathode potential during deposition of aluminum 
from the hydride bath was somewhat more repro- 
ducible. The polarization was about 0.1 volt at a 
current density of 1 amp/dm? which is of the order 
of magnitude of that occurring in many aqueous 
plating solutions. The anode potentials were too 
variable to be measured accurately, but it was 
established that the anode polarization in the 
aluminum plating solution was much lower than 
in the aluminum chloride ether solution. The large 
decrease in polarization that resulted from the 
introduction of hydride into the aluminum chloride 
ether solution indicated that another type of ion 
might be present. 


TABLE V. The effect of various conditions of deposition on 
the hardness of aluminum electrodeposited from the 


hydride bath 


a aaa 

Sample urrent | Vickers ; 

number density hard- Comments 
amp/dm? ness 


A | 2 effec- 67 Periodic reverse current 


tive 

B 2 97 | Bath contained 8,8’-dichloroethy] 
| ether 

Cc ji1 37. Without additions or periodic 
current 


— 
~ 
bo 
~ 
_— 


Without additions or periodic 
current 

Without additions or periodic 
current 


PROPERTIES OF ALUMINUM DEPOSITED FROM THE 
Hypripe Tyre Batu 


Appearance.—The appearance of the deposits 
depended on the conditions of deposition and on the 
amount of hydride in the bath. With the optimum 
amount of hydride (4 to 8 g of LiH per liter), the 
deposit was matt and white. Deposits over 0.3 mm 
thick were visibly crystalline. With concentrations 
of hydride below 4 g/liter the deposits were gray, 
with still less hydride, the deposits were dark, hard, 
and stressed, and often cracked or peeled from the 
cathode. However, these deposits were less crystal- 
line, and often smoother than those obtained under 
the optimum conditions of deposition. The smoothing 
effect of 8,8’-dichloroethyl ether and of periodic 
reverse current on the deposit has already been 
discussed. 

Microstructure.—Photomicrographs of the alumi- 
num deposits are shown in Fig. 3. All of the deposits 
have a definite columnar structure. Those made at 
low current densities have rather large crystals as 
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shown in Fig. 3C. As the current density was in- 
creased the crystals became smaller. Fig. 3A shows a 
deposit made with periodic reverse current. It 
has the same columnar structure but is much finer 
grained than the deposits without periodic reverse 
current. These deposits do not show the laminations 
which are usually found in deposits made with 
periodic reverse current from aqueous plating 
baths. Fig. 3B shows the effect of 8,8’-dichloroethyl 
ether on the deposit. The very fine grained structure 
and the surface smoothness of the deposit can 
be seen. 

Hardness and ductility——The normal aluminum 
deposits were quite soft and ductile and could be 
bent many times without breaking. The deposits 
made with periodic reverse current were stronger 
and somewhat less ductile. The deposits obtained 
with the use of 8,6’-dichloroethyl ether were the 
least ductile and would take only a slight bend 
without breaking. Table V shows the effect of 
various conditions on the hardness of the deposit. 
High current density, periodic reverse current, 
and 8,8’-dichloroethyl ether in the bath increased 
the hardness of the deposits, which ranged from 
about 37 to 97 Vickers. Heat treating at 400°C 
in air caused a slight increase in the hardness of 
some of the deposits. 
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The Mechanism of the Tungsten Alloy Plating Process’ 
Water E. Ciark? anp M. H. Lierzke’ 
Department of Chemistry, University of Wisconsin, Madison, Wisconsin 


ABSTRACT 


The mechanism of tungsten alloy plating was investigated. Absorption spectra indi- 


cate the possibility of cobalt tungstate complexes in the citrate cobalt-tungsten plating 
bath. Polarographic evidence is given for the existence of complexes of tungstate and 
citrate. Calculations of energies of activation of iron-tungsten alloy deposition show 
that the tungstate reaches the cathode by diffusion rather than by migration. The 
mechanism postulated for the plating of tungsten alloys includes (a) the deposition of a 
film of partly reduced tungstate on the cathode and (6) the catalytic reduction of this 


INTRODUCTION 


The electrodeposition of alloys of tungsten with 
iron, cobalt, or nickel has been the subject of 
considerable interest during the past few years. 
However, most of the work published deals with the 
development of plating baths rather than with 
the mechanism of the tungstate reduction. It would 
seem that an investigation of this mechanism might 
be of value in the development of practical plating 
baths as well as being of theoretical interest. The 
purpose of this paper is to review briefly some of 
the previous work on tungsten alloy deposition 
and to present additional experimental data in an 
effort to obtain a more complete description of the 
overall reduction process. The new experimental 
work presented deals almost entirely with the 
cobalt-tungsten plating bath. In addition, energies of 
activation have been calculated for the deposition 
of iron-tungsten alloys based upon the behavior of 
the plating baths described by Lietzke and Holt (1). 
Because of the similar behavior of iron, cobalt, and 
nickel in the tungsten alloy plating baths it seems 
reasonable to suppose that conclusions drawn from 
measurements made upon one type of bath will 
usually apply to the others. 

In order to explain satisfactorily the phenomenon 
of tungsten alloy deposition, it is necessary to 
answer the following question: (a) How does the 
tungstate anion reach the cathode in amounts large 
enough to explain the comparatively high current 
efficiencies observed, and (b) why is the presence of 
certain alloying elements necessary for the reduction 
of tungsten to the free metal? 


‘Manuscript received January 29, 1951. This paper 
prepared for delivery before the Detroit Meeting, October 
9 to 12, 1951. 
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Oak Ridge, Tennessee. 
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film by hydrogen in the presence of freshly deposited iron, cobalt, or nickel. 






EXPERIMENTAL 
Tungsten and Tungsten Alloy Deposition 


Numerous claims have been made for baths from 
which pure tungsten could be plated, but no practical 
process for plating tungsten from aqueous solution 
appears to have been developed. Attempts have 
been made to duplicate the results obtained by 
several claimants (2-4) but never has enough pure 
tungsten been obtained from any aqueous bath to 
permit its positive identification. 

However, it is well known that alloys of tungsten 
with iron, cobalt, or nickel can be electrodeposited 
at reasonably high current efficiencies. The char- 
acteristics of the plating baths and of the alloys 
deposited are described elsewhere (1, 5-9). Electro- 
deposits of cadmium and tin containing small 
percentages of tungsten have also been reported (9) 
as has the electrocodeposition of chromium and 
tungsten (10). It would seem rather strange if the 
property of codeposition with tungsten, which is 
shown to such a marked degree by iron, cobalt, and 
nickel, did not extend to some degree to the neigh- 
boring elements in the same period of the periodic 
table, namely to copper and manganese. 

Deposits of manganese containing as much as 
14 per cent tungsten were obtained from a bath of 
the following composition: MnSO,-H,O, 170 g/1; 
(NH,4)2S0,4, 200 g/l; NaSO;, 6 g/l; citric acid, 
50 g/l; glycerol, 50 ml/l; and Na,WO,-2H,0, up to 
0.5 g/l. Bath pH was regulated to 6.4-7.0 with 
NH,OH and the bath was operated at a cathode 
current density of 15 amp/dm? between 25° and 
40°C. Platinum anodes were used. The current 
efficiency of the process dropped rapidly with the 
addition of greater amounts of Na,.W0O,-2H.O 
and a concentration of 5 g/l of the tungsten salt 
entirely prevented the deposition of the alloy. 
Copper plates containing about 2 per cent tungsten 
were obtained from a bath of the following composi- 
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tion: CuSO,-5H.0O, 50 g/l; citric acid, 66 g/l; 
Na,.W0O,:2H,0, 0.8 g/l; and NH,OH to pH 7. 
The bath was operated at about 25°C and a cathode 
current density of 1.5 amp/dm?. In all cases bath 
pH was determined by means of a Beckman pH 
meter equipped with a glass 
electrode system. 


electrode-calomel 
Both the manganese-tungsten 
and copper-tungsten alloy plates were metallic 
in appearance and were adherent. Detailed data 
on these alloys will be presented in the near fu- 
ture. 


Absorption Studies of Complex Formation in Tungstate 
Solutions 


In alkaline solution, W(V1) exists as the ‘‘normal’”’ 
or 1:1 tungstate, R,O-WO;. In acid solution, a 
series of isopolytungstates is formed of which 




















the 1:4 (‘‘meta’’) tungstates, ReO-4WO,; and the 
3:7 and 5:12 (“‘para’’) tungstates, 3R.O-7WO, and 
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Fic. 1. Effect of tungstate on the absorption spectrum of 
cobalt citrate. 1—NazWO,-2H,0, 12 g/l; citric acid, 11 g/l. 
2—Co8S0O,-7H,0, 10 g/l; citrie acid, 11 g/l. 3—CoSO,-7H.0, 
10 g/l; Na,WO,-2H,0, 12 g/l; citric acid, 1) g/l. 


5R.O-12WO,, definitely to have been 
characterized. In addition, isopolytungstates with 
alkali/tungsten mole ratios of 1:3, 1:5, 1:6, 1:8, 
and various more complex ratios have been reported 
(11). These tungstates form complexes with a wide 
variety of chemical agents including borates, 
phosphates, cyanides, thiocyanates, tartrates, glyco- 
lates, and malates. Some work has been done 
toward characterization of the tartrate complexes 
and tartrate/tungstate mole ratios of 1:1, 2:1, 
and 3:2 have been reported (12-17). Little interest 
appears to have been shown in the possible existence 
of citrate-tungstate complexes although citrate 
baths are among those most commonly used for 
plating tungsten alloys (1, 5-7). Crystalline com- 
plexes of cobalt and tungstate with ammonia, 
nitrate, and nitrite have been reported by Neusser 
(18, 19). 

The study of absorption spectra was undertaken 
in order to determine whether there was any pos- 
sibility of complex formation between cobalt and 
tungstate ions in the citrate plating bath. If such a 
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complex is present in any appreciable concent: tion, 
the absorption spectrum for a solution of ¢balt- 
citrate containing tungstate should differ from 
that of a solution containing only cobalt and 
citrate. 








Absorption measurements were made with g 
Beckman quartz spectrophotometer over the waye- 
length range from 280 to 1000 millimicrons. The 
only significant differences observed in the spectra 
of the cobalt-citrate and the cobalt-tungstate- 
citrate solutions were between 420 and 580 milli- 
microns, and only that part of the absorption curve 
is reproduced in Fig. 1. The pH of all solutions was 
adjusted to 7 by the addition of ammonium hy- 
droxide. The concentrations of all other constituents 
were one sixth of those used in the optimum cobalt- 
tungsten plating bath previously investigated (7). 
In making the measurements, the three solutions 
were placed in separate cells in the cell holder which 
also held a fourth cell containing only the solvent 
(distilled water). At each wavelength setting the 
instrument was set at 100 per cent transmission 
for the solvent and the transmission of each of the 
solutions was then read without changing the 
instrument settings. 

The presence of tungstate in the cobalt-citrate 
solution resulted in a shift of the cobalt absorption 
maximum which amounted to about 12 my toward 
the long (red) end of the spectrum. This indicates 
the probable existence of a cobalt-tungstate complex 
in the solution. 



















Polarographic Studies 






Tungstate ion does not give a cathodic polaro- 
graphic wave in alkaline solution. However, Stackel- 
berg and coworkers (20) reported a cathodic tung- 
state wave in 10N HCl at about —0.42 v vs. 8.C.E 
Lingane and Small (21) made a rather complete 
polarographic study of tungstate solutions in 
strong HCl, but since no electrodeposits can be 
obtained from such solutions no explanation of the 
plating process can be expected from an investigation 
of their curves. Souchay (22-24) obtained polaro- 
graphic waves for the isopolytungstates in the 
buffered solutions at various pH values below 7 4 
well as for the phospho- and boro-tungstates under 
similar conditions. The waves he obtained are nol 
always well defined and exact reproducibility 
depends upon careful duplication of conditions, 
especially the pH. 

In the present work a Sargent Heyrovsky polaro- 
graph Model XI was used. Several types of solutions 
were investigated including citrate and carbonate 
alloy plating baths, solutions of cobalt and tungstate 
with LiCl as base electrolyte, and acetate solutions 
corresponding to those studied by Souchay (22). 
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In addition, the anodic tungstate wave was in- 
vestigated using both citrate and nitrate base 
electrolytes. No tungstate wave was observed in the 
citrate, carbonate, or LiCl solutions, and the cobalt 
wave was found to disappear in the presence of the 
amounts of citrate used. The polytungstate waves 
observed by Souchay in acetate solutions disap- 
peared completely when citrate was substituted for 
acetate, thus indicating the formation of a complex 
or complexes involving tungstate and citrate 
(Fig. 2). On electrolysis of these solutions using 
platinum anodes and copper cathodes the acetate 
solution turned blue indicating the formation of 
lower valence states of tungsten, but the citrate 
solution remained colorless. 
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Fic. 2. Effect of citrate on the cathodic tungstate wave. 
i—sodium acetate, 15 ml of M solution; acetic acid, 15 ml 
of M solution; sodium suifate, 10 ml of saturated solution; 
Na:WO,-2H.0, 750 mg; pH 4.8. 2—sodium citrate, 25 ml of 
V solution; citric acid, 5 ml of M solution; sodium sulfate, 
10 ml of saturated solution; NasWO,-2H,0, 750 mg; pH 5.3. 
3—sodium sulfate, 10 ml of saturated solution diluted to 
10 ml. 













A comparison of the anodic tungstate waves in 
nitrate and in citrate solutions indicates the prob- 
ability of citrate-tungstate complexes in alkaline 
solution, but the resolution of the instrument used 
was not sufficient to give definite proof of the 
existence of such complexes. No evidence was 
obtained for the formation of a reducible complex 
ion containing both cobalt and tungsten. The 
addition of an equimolar quantity of cobalt sulfate 
to Souchay’s tungstate-acetate solution resulted 
in no noticeable change in the halfwave poten- 


tials or in the heights of the observed tungstate 
Waves, 















Energy of Activation Calculations 






In view of the high current efficiencies (up to 80%) 
observed during the deposition of alloys of tungsten 
with iron, cobalt, or nickel, it seemed of interest to 
calculate the energy of activation for the deposition 
process to determine whether diffusion alone could 
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be responsible for bringing the tungstate to the 
‘athode. A very low value for the energy of activa- 
tion would indicate that the deposition is diffusion 
controlled. 

When the log per cent Fe-W remaining in solution 
is plotted vs. time for the low tungsten, medium 
tungsten, and high tungsten-iron baths described 
by Lietzke and Holt (1), straight line relationships 
are indicated. Hence the electrodeposition _ of 
iron-tungsten alloys follows a first order relationship. 
Fig. 3 shows the temperature dependence of k, 
the specific reaction rate, for the medium tungsten 
citrate bath. Application of the Arrhenius equation 
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Fic. 3. Temperature dependence of the specific reaction 
rate for the medium tungsten citrate bath. 
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Fic. 4. Temperature dependence of the specific reaction 
rate for the medium tungsten glycolate bath. 


for the temperature dependence of the specific 
reaction rate indicates an activation energy of 
1960 calories for the deposition process. When 
glycolic acid is substituted for citric acid in the 
medium tungstate bath, the data shown in Fig. 4 
are obtained. In this case also, an activation energy 
of 1960 calories for the deposition of the iron-tungsten 
alloy is indicated. 

Fig. 5 shows the variation of k for the medium 
tungsten glycolate bath with 1/n, where 7 is the 
viscosity of water at the temperature at which k is 
measured. The bath solutions were sufficiently 
dilute that the viscosity of water may be used 
in place of the actual bath viscosities which were 
not measured. The low value of the activation 
energy for the deposition process plus the linear 
variation of k with 1/7 indicate that the process is 
diffusion controlled. 
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There are no data upon which to base similar 
calculations for the cobalt-tungsten or _nickel- 
tungsten plating processes. However, in view of the 
similar behavior of iron, cobalt, and nickel in the 
tungsten alloy plating baths, it seems reasonable to 
suppose that the deposition of cobalt-tungsten and 
nickel-tungsten alloys is also diffusion controlled. 
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Fic. 5. Variation of the specific reaction rate with vis- 
cosity for the medium tungsten glycolate bath. 


Radiochemical Studies 


If the electrolytic deposition of tungsten is a 
catalytic process (25) it is possible that the cathode 
material would have an effect upon this reduction. 
However, the effect of codepositing the catalyst is 
doubtless much greater than that exerted by a 
massive metal cathode. To investigate the effect of 
using cathodes of various metals, pure tungstate 
baths containing radioactive tungsten were electro- 
lyzed using anodes of platinum and cathodes of 
lead, zinc, cadmium, iron, cobalt, nickel, chromium, 
tungsten, copper, silver, and platinum. 

The radiotungsten used was obtained from the 
Oak Ridge National Laboratory in the form of WOs, 
which contained the two radioisotopes W” and 
W*" with half lives of 77 days and 24.1 ours, 
respectively. Both of these isotopes decay by emis- 
sion of beta particles to stable isotopes of rhenium 
26). Since interest centered in comparative activi- 
ties rather than in the exact amounts of tungsten 
deposited, the details of this latter calculation are 
omitted here. The metal cathodes used were of as 
nearly the same area as it was possible to prepare 
them and had a thickness corresponding to at least 
12 half thicknesses for the beta radiation present, so 
that radiation from the reverse side of the electrode 
was negligible. To remove any small amounts of 
impurities which might plate out with the tungsten, 
the baths used were submitted to successive electrol- 
yses using platinum anodes and completely im- 
mersed copper cathodes until the observed activity 
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of the cathodes reached a minimum. These ¢' »¢tyo). 
yses were carried out under the same conditions a 
those used later in the work with different ¢ ithode 
materials, namely at 85°-95°C and a c:thode 
current density of 1 amp/dm? for periods of oye. 
hour each. Activities of all samples were measured 
using a Geiger-Miiller tube with a circular mic, 
window in connection with an electronic scaler 
The same counting tube was used for all samples 
and its performance was checked against a permanent 
uranium standard at the beginning of the counting 
period and at frequent intervals during the counting 
process. For each different metal used as cathode 
the activities of the cathode samples were compared 
with the activities of similar metal samples which 
were immersed in an exactly similar bath under the 
same conditions. 

The results obtained were not sufficiently repro- 
ducible to warrant quantitative conclusions, but 
there was no evidence that iron, cobalt, or nickel are 
appreciably more effective as cathodes for tungsten 
deposition than certain other metals such as copper 
and cadmium. However, the cathodes in nearly 
every case showed activities considerably higher 
than the immersed samples of the same metal, 
indicating that tungsten had been deposited on thi 
cathodes in some form. 


DISCUSSION 


Holt and Vaaler (25) suggested that the reductio 
of tungstates to tungsten in the tungsten-iron group 
alloys is due to the catalytic reduction of tungstate 
by “activated” hydrogen at the cathode in the 
presence of the codepositing metal (i.e., iron, 
cobalt, and nickel). The hypothesis is based on 1 
catalytic polarographic wave observed in_ nickel- 
tungstate solutions, on the lowering of the cathode 
potential in the nickel-tungstate bath as compared 
to that in the same nickel bath containing no 
tungstate, and on the laminated nature of the 
deposits obtained from the tungsten alloy plating 
baths (6). The laminated structure suggested the 
possibility of alternate deposition of layers of 
tungsten and of the codepositing metal. 

The data presented here indicate the deposition 
of a very thin layer of tungsten or of some tungsten 
compound on the cathode when pure tungstel 
solutions are electrolyzed. As has been shown, 
tungsten, whatever the ionic form in which it exists, 
can be considered to reach the cathode by a diffusion 
process. The direct and complete reduction o! 
W(VI) to metallic tungsten, however, apparently 
does not occur or at least ceases after a thin film 


of the metal has been deposited. It appears to be 
more likely that, in the absence of, ions of metals 
which codeposit with tungsten, the cathode becomes 
covered with a thin insoluble film containing 
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tunusten in some oxidation state or states inter- 
mediate between the free metal and W(VI). The 
tendency of metals to plate out on such a coated 
cathode would depend upon the relative deposition 
potentials of the metal in question and of hydrogen. 
If a cathode of a given metal showed a higher 
potential in the nickel-tungstate bath, for example, 
than in the nickel bath, then it would appear that 
the film tends to hinder the diffusion of the nickel 
ion to the cathode. If, however, the potential of a 
given cathode is lower in the nickel-tungstate bath 
than in the nickel bath (i.e., is depolarized) (25) 
it would seem that the effect is due to the lowering 
of the hydrogen overvoltage on the plated cathode. 
If the depolarization effect is sufficiently great, the 
deposition of metals above hydrogen in the electro- 
motive series may be entirely prevented. Thus 
Nielsen and Holt (8) found that nickel (Hy) = 
—(),236 v) could not be plated on cathodes used 
just previously in acid tungstate solutions. In the 
work on manganese (Hy) = approx. —1 v) the 
efficiency of the manganese plating process decreased 
rapidly with increasing tungsten content of the 
bath and ceased entirely when the tungstate con- 
centration reached the relatively low value of 
5 g/l of Na.WO,-2H.,0. A film of partially reduced 
tungstate would be expected to dissolve in an 
alkaline solution; actually Nielsen and Holt (8) 
found that their inactivated cathodes were usable 
after dipping into alkaline solutions. 

In order for reduction of tungstate and deposition 
of ions of alloying metals to take place simultane- 
ously, the potentials of the two processes must not 
differ too greatly. Both the cathode current efficiency 
and the composition of the deposit will be affected 
by the formation of complexes in the bath, since 
the formation of any complex will affect both the 
deposition potential of the ion concerned and also 
its diffusion rate. In the common tungsten alloy 
plating baths the complexing agent serves the 
further purpose of preventing the precipitation of 
insoluble tungstates of the metals concerned, thus 
allowing higher concentrations to be present together 
in the bath. 

Besides the simple ions Nat, NH,*, H;O*, and 
OH, the presence of the following types of ions in 
the tungsten alloy plating baths can be predicted 
with some assurance: (a) metal-citrate complexes 
such as [M(H,O); citrate? in equilibrium with 
small concentrations of the hydrated and ammo- 
niated ions of the codepositing metals (27), (b) 
tungsten-citrate complexes of unknown structure in 
equilibrium with small concentrations of normal or 
isopoly tungstates depending upon the pH of the 
bath and (ec) a complex iron, cobalt, or nickel 
tungstate. 


\! present not enough is known about the nature 
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of the complexes present to allow many predictions 
to be made about the behavior of the plating baths. 
It can be predicted that an increase in the citrate 
concentration will decrease the current efficiency by 
increasing the stability of both the cobalt and 
tungstate citrate complexes at the expense of the 
simpler and more mobile ionic species. However, 
more work must be done on the nature of the 
plating process and on the characterization of 
ionic species in the bath before confident predictions 
‘an be made concerning the effect that changing 
bath composition and electrolysis conditions will 
have on the composition of the alloy plate obtained. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1952 issue of the 


JOURNAL. 
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Passivity of Iron in Nitrie Acid’ 
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ABSTRACT 


The passivity of iron in HNO,, sp gr 1.42, was studied employing iron films evaporated 
on glass. Films immersed directly from vacuum into acid lost 0.18 mg Fe/em? (2200 A) 
before they became passive. The thickness of the film had no effect on the amount that 
reacted, provided the iron was at least 2200 A thick. 

Pre-exposure of the films to oxygen reduced the amount of iron reacting to 0.09 mg/em? 
as did addition of 0.1 gram KNO, to 50 ml of the acid. Hence, oxygen and nitrogen oxides 
play some part in the passivity mechanism. Pre-exposure to nitrogen or deaerated water 
had no effect. Films so exposed behaved like vacuum films immersed directly into acid. 
Carbon monoxide, on the other hand, reduced the amount of iron reacting to 0.10 mg/cm? 
similar to the effect of oxygen. 

In some experiments, films were exposed to oxygen at 1 atm, then the pressure sub- 
sequently reduced to 10-* mm Hg. By so doing, practically all the effect of pre-exposure 
to oxygen was eliminated. It is likely, therefore, that pre-exposure to oxygen produced 
an adsorbed film and not an iron oxide. 

Immersing the films in deaerated 0.1 per cent K,Cr.O, for more than 2 hours reduced 
the iron reacting with concentrated HNO; to zero. Half the effect could be washed off in 
distilled water, but not more than this amount. This fact suggests that chromates are 
reversibly adsorbed, as well as partially chemisorbed. Aerated chromate solutions 
behaved similarly except for a shorter time required for optimum effect on the Fe-HNO; 
reaction, and less of the effect could be washed off with water. 

It is proposed that exposure to substances which reduce the amount of iron reacting, do 
so by forming cathodic areas on the iron surface. The cathodic areas, in turn, accelerate 
passivity of anodic areas. Experiments confirmed that anodically polarizing iron reduces 


the amount of iron reacting in HNO, before passivity. 


INTRODUCTION 


When iron is immersed in concentrated nitric 
acid, a reaction begins, which promptly subsides. 
The iron is said to be passive. Passivity of iron in 
nitric acid was first described by Kier (1) who 
recognized the characteristic factors, and described 
the facts more clearly than his predecessors. Faraday 
(2) seems to have leaned toward an oxide barrier 
film as the primary cause for lack of reaction, al- 
though his statement that oxygen of the electrolyte 
is in such relation as to be “ 
tion,” 


equivalent to an oxida- 
suggests the intuitive concept of a more labile 
relation of oxygen to iron such as is contained in our 
present concept of chemisorption. 

Bennett and Burnham (3) hypothesized the for- 
mation of an oxide of iron, not. higher than FeQs, 
possibly FeO, stabilized by adsorption. Bancroft 
and Porter (4) supported the formation of FeO; and 
recently Bonhoeffer (5) concluded similarly that pas- 
sivation of iron in nitric acid is accompanied by a 
surface oxide of somewhat higher dissociation pres- 
sure of oxygen than normal iron oxides. Evans (6), 
on the other hand, believes that the cause of pas- 

' Manuscript received July 16, 1951. This paper prepared 


for delivery before the Detroit Meeting, October 9 to 12, 
1951. 


sivity lies in the formation of an invisible film of 
ferric oxide. 

In the latter 1920’s, stimulating papers appeared 
by Freundlich, Patscheke, and Zocher (7, 8) in 
which the authors showed that passivation of iron 
in nitric acid was affected by the particular environ- 
ment to which the iron is exposed before immersion 
in acid. Because these experiments are of value in 
the interpretation of what passivity is and what 
causes it, we felt it worthwhile to repeat them, 
especially with the objective of making them quan- 
titative. Our work in particular concerns the in- 
fluence of pre-exposure to various types of environ- 
ments on the precise amounts of iron dissolving in 
nitric acid before the reaction practically ceases. 


=XPERIMENTAL PROCEDURE AND RESULTS 


The objective was to prepare pure iron surfaces 
free of contamination by gases or corrosion products, 
expose these surfaces to a specified environment 
under controlled conditions, and thereupon deter- 
mine the effect of exposure on reaction of iron with 
concentrated nitric acid. We concluded that perhaps 
the best procedure for preparing iron films is by 
evaporation, rather than by decomposition of iron 
carbonyl as in Freundlich’s experiments, since ‘his 
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avoi:- any possible contamination with carbon mon- 
oxide formed in decomposition of the carbonyl. The 
iron surfaces were formed accordingly by evaporat- 
ing iron wire of high purity, obtained by courtesy 
of the Bureau of Standards. The iron films, ranging 
from a few hundred to 3000 A, were deposited on 
glass tubes sealed at both ends measuring approxi- 
mately 35 mm long by 4 mm in diameter. Sealed 
within each glass tube was an iron wire which facili- 
tated handling the tube within the vacuum system 
by means of a permanent magnet. The glass tube, 






Fic. 1. Lron film on giass sealed in vacuum 
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Fig. 2. Schematic diagram of evaporation cell. 


after receiving an iron coating, was sealed off within 
a larger diameter glass tube for subsequent examina- 
tion and test (Fig. 1). 

The cell for vacuum evacuation is shown in Fig. 
2 and 3. Iron wire, 0.015-in. diameter, was wrapped 
around 0.025-in. diameter tungsten wire as shown. 
After sealing into the glass system, the tungsten 
and iron were heated electrically in a stream of dry 
hydrogen at about 1200°C to reduce any surface 
oxide and to volatilize impurities. Four glass tubes 
at a time were brought into the cell and held in 
place by four Alnico magnets mounted on a rotating 
table. A synchronous clock motor slowly rotated the 
table, which in turn transmitted rotation to the 
glass tubes inside the cell, thereby insuring a uni- 


form coating of iron on all sides of the tubes. The 
system was then evacuated to 10-* mm of mercury 
pressure and evaporation carried out at about 
1300°C. It required approximately one hour to pro- 
duce a film of iron 2000 A thick. In some experi- 
ments heavier iron wires, 0.030-in. diameter, were 
directly heated electrically avoiding use of tungsten, 
but these often burned out prematurely. The tung- 
sten heater wire was preferred. 
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Each coated glass tube, sealed off within a larger 


glass tube as shown, was transferred to a test box 
made of Lucite. The box measured 14 x 11 x 11 
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Fic. 3. Evaporation cell 


inches and was fitted with rubber gloves to allow 
chemical manipulation in atmospheres other than 
air. By use of a file, the outer glass tubes were 
broken and the iron-coated tubes exposed to any 
given environment inside the test box. The tubes 
were then immersed in concentrated nitric acid con- 
tained in glass-stoppered Erlenmeyer flasks, also 
inside the box. When pre-exposure was not required 
the outer glass tubes were often heated at one end 
and plunged while hot into the acid, whereupon 
the tube cracked allowing acid to make immediate 
contact with the iron film. The acid was prepared 
free of decomposition products by bubbling nitrogen 
through it for several hours. 

Extent of reaction with nitric acid was estimated 
by analysis of the acid for dissolved iron. When 
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iron unattacked by acid remained on the glass, total 
average thickness of the original films was deter- 
mined by dissolving the residual iron in dilute nitric 
acid and analyzing this similarly. X-ray lattice de- 
terminations justified the assumption that the den- 
sity of the film was normal for that of iron. For 
example, the lattice parameter of the film was found 
to be 2.86 A, which is practically identical with that 
accepted for bulk iron, namely 2.861 A. Microscopic 
examination in general disclosed a continuous film 
free of pores or other imperfections, although im- 
perfections may have existed on a smaller scale. 
Analyses for iron were carried out using the filter 
photometer. Nitric acid (50 ml) containing iron was 
diluted to 100 ml; 2 ml were then pipetted into a 
25-ml volumetric flask. To this were added 5 ml of 
15M KSCN and the volume increased to 25 ml. 
The light absorption of this solution was read im- 
mediately on the photometer and compared with a 
calibration chart which had been prepared previously 


TABLE I. Amount of iron film, of > 2000 A thickness, 
reacting with HNOs, sp gr 1.42, not exposed to air 











Fe film Fe re- Residual % Fe 


mg Fe reacted per cm* 


thickness acted,mg| Fe, mg reacted 
2070 0.78 0.05 94 0.15 
2660 0.97 0.16 86 0.18 
2880 0.78 0.35 69 0.16 
2900 0.93 0.2: 80 0.18 
2940 1.08 0.10 91 0.21 


Avg 0.18 + 0.03 


using nitric acid solutions containing known amounts 
or iron. 

Gases for controlled atmosphere either in the test 
chamber or in the vacuum system were purified as 
follows. Nitrogen was passed over a 30-in. length of 
copper turnings at a temperature of 400°-500°C and 
was dried using a liquid-air trap and phosphorus 
pentoxide. Commercial oxygen was dried using phos- 
phorus pentoxide. Tank carbon monoxide was bub- 
bled through 1 per cent KMnQ, in 2 per cent H.SO, 
and dried over phosphorus pentoxide, or was passed 
over heated silica at 700°C and then through a 
liquid-air trap, the latter process assuring absence of 
oxygen. Carbon monoxide treated either way gave 
the same results. 


Reaction of Unexposed Iron Films 


Thirty iron films not exceeding 1000 A in thick- 
ness were immersed in nitric acid, sp gr 1.42, before 
the films were exposed to air. Two of these were 
tested three months after preparation. In all cases, 
the films reacted completely with the acid. No residue 
could be detected on the glass surface of the tubes 
at 15X magnification. This complete reaction differs 
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from the behavior of air-exposed films, in ceor 
with Freundlich’s previous disclosure (7). H« wever. 
with thicker films, also not exposed to air, r-sidya 
iron was found. 

All specimens were allowed 2 minute contact with 
nitric acid. This exposure time was not critical since 
the major reaction occurred within the first second 
or so of immersion, after which the reaction syb. 
sided, passivity was established, and the subsequent 
corrosion rate was very small. Data given in Table 
I for the thicker films show that on the average 
0.18 mg of iron per cm? of apparent iron surface, or 
about a 2200 A film, reacts before the iron becomes 
passive. This is consistent with the complete reac. 
tion of films less than 2000 A thick. 

The conditions are not changed if bulk iron js 
substituted for evaporated films. The value 0.18 
mg/cm? was similarly obtained in experiments using 
hydrogen-reduced 0.015-in. diameter tron wires. The 
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Fic. 4. Cell for reduction of iron wires by hydrogen 






cell used for hydrogen reduction of iron wires is 
depicted in Fig. 4. Wires, hydrogen treated, wer 
transferred without exposure to air to the test box 
containing a nitrogen atmosphere, shown later to 
have no effect on the reaction, and immersed in 
nitric acid, as usual, for 2 minutes. The agreement ii 
amount of iron dissolved before onset of passivity 
is better than experimental accuracy warrants. Ac- 
tually, the value for bulk iron should probably be 
higher because of a probable greater true surface 
area. 














Reaction Rate of Passive Iron with Nitric Acid 


In addition to knowing how much iron dissolves 
before it becomes passive, it was also necessary (0 
know the corrosion rate after passivity. Attempts 
were made to measure this rate using iron films, bu! 
it was found that long exposure of films to con 
centrated nitric acid loosened them from the glas*, 
making uncertain the total surface area of iro! 
exposed to acid. Using hydrogen-reduced iron wire 
instead, which avoided this difficulty, the corrosion 
rate over a 6 hour period was found equal to 0.1! 
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mg/cn’/day (60 A/hour).2 The low corrosion rate 
eonfirmed that a 2 minute exposure time to HNO; 
in all the experiments was not critical since the 
amourt of iron dissolving after passivation was very 
small. 

Effect of Pre-exposure to Gases 


Pre-exposure of iron films 
to oxygen resulted in substantially less iron reacting 
with nitric acid, sp gr 1.42, before passivity (Fig. 5). 
The expendable 2200 A of iron for unexposed films is 


Pre-exposure to oxygen. 
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Fig. 5. Effect of time of exposure to oxygen on amount of 
iron reacting in nitric acid, sp gr 1.42. 
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Fic. 6. Effect of film thickness on amount of iron reacting 
in nitrie acid, sp gr 1.42, after 15 minutes’ exposure to 
dry oxygen. 


reduced to about 1100 A after 30 minute exposure 
to oxygen, and remains so for longer exposures to 
this gas. Whether the oxygen is moist (nearly satu- 
tated with H,O) or dry does not influence the amount 
of iron reacting. Whatever the mechanism for the 
effect of oxygen, its influence is felt by more than 
one thousand atom layers of iron when nitric acid 
comes in contact. 


* Whatever the cause for the loosening of the iron film 
'y nitric acid, it could be avoided by pre-exposure of the 
film to a solution of 0.1 per cent potassium dichromate. 
Incidentally, pre-exposure to this solution completely 
‘uppressed the initial reaction of iron with nitric acid. 
The wnount of iron that reacted with nitrie acid after 
chrom: (e exposure was 0.04 mg/em?/day (20 A/hr) for a 
total «posure time of 74 hours. 


I 


Effect of iron film thickness.—Effects of film thick- 
ness on amount of iron reacting initially in HNOs, 
after 15, 30, and 60 minute pre-exposure to oxygen, 
are given in Fig. 6, 7, and 8. In general, films less 
than 1200 A dissolve almost, but not completely, 
whereas those of greater thickness react to the ex- 
tent of 0.08 to 0.10 mg/cm? (1000-1250 A). By com- 
parison, with unexposed films twice as much iron 
reacts, and films thinner than 2000 A dissolve com- 
pletely. 

Effect of evacuation after exposure to oxygen.—lt 
was of interest to learn whether oxygen in brief 
contact with iron films forms an oxide or whether 
such oxygen is adsorbed. If the gas is physically 
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Fig.7. Effect of film thickness on amount of iron reacting 
in nitric acid, sp gr 1.42, after 30 minutes’ exposure to 
dry oxygen. 
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FILM THICKNESS, A 
Fig. 8. Effect of film thickness on amount of iron reacting 


in nitric acid, sp gr 1.42, after 60 minutes’ exposure to 
dry oxygen. 


adsorbed, it should be possible to remove at least 
some of it by reducing the pressure, whereas this 
would not occur for an oxide or a chemisorbed gas. 
An experiment bearing on this question employed 
films produced in vacuum as before. These were 
allowed to remain for 15 minutes in the glass system 
in contact with oxygen at 1 atm pressure previously 
dried by passing through a liquid-air trap. The 
system was then evacuated and the iron-coated glass 
tubes sealed off as before. Upon immersion of six 
such films, ranging in original thickness from 380 
to 1010 A. all the iron dissolved in nitric acid. 
For six additional films ranging from 2030 to 3020 
A, the average iron reacting was 0.17 + 0.03 mg/cm?. 

A similar experiment in which four films, 2300 
to 3200 A thick, were exposed 60 minutes to oxygen 
before evacuation again averaged 0.17 mg/cm? of 
iron dissolved. Two films 2500 A thick exposed to 





part could be pumped off. 


The average amount of iron dissolving is the 
same for iron not exposed to oxygen, or exposed to 
oxygen and then evacuated. Such oxygen must be 


reversibly or physically adsorbed. 
Pre-exposure to nitrogen. 


tion. This fact was of practical importance in carry- 
ing out a number of later experiments, because 


TABLE II. Effect of evacuation after exposure of iron to dry 


oxygen on reaction with nitric acid 


Time of Fe 


Thickness of | (ime. | reacted, | Residual | % Fe Pe . 
film, A to Os me Fe, mg reacted mg/cm? 
2030 15 min 0.64 0.11 85 0.14 
2090 15 min 0.63 0.14 82 0.13 
2430 15 min 0.86 0.19 82 0.16 
2570 15 min 0.90 0.13 87 0.18 
2910 15 min 1.10 0.11 91 0.21 
3020 15 min 1.16 0.12 91 0.22 
2340 60 min 0.91 0.14 87 0.16 
2540 60 min 0.84 0.24 78 0.16 
2930 60 min 0.94 0.30 76 0.17 
3240 60 min 1.06 0.24 82 0.21 
2510 21.5 hr 0.63 0.30 68 0.13 
2480 21.5 hr 0.63 0.24 72 0.14 


in handling the evaporated films, a vacuum was 
conveniently replaced by a nitrogen atmosphere. 

Pre-exposure to carbon monoxide.—The fact that 
oxygen considerably reduces the amount of iron 
reacting initially with nitric acid suggested that 
other gases might act similarly. Carbon monoxide 
was considered in this light for the following reasons: 
(a) it was found to inhibit the corrosion of 18-8 
stainless steel in hydrochloric acid (9) and produced 
a more noble potential; and (b) it forms complex 
compounds (carbonyls) with iron and, therefore, 
may satisfy secondary valence forces of iron atoms 
on the surface similar to oxygen. 

Iron films prepared in the usual manner were 
exposed to carbon monoxide for 60 minutes in the 
test box which was previously flushed with the gas 
for 6 hours and in which a continuous supply of gas 
was maintained. They were then immersed, as usual, 
in nitric acid for 2 minutes. Eight iron films of 
thickness ranging from 1270 to 2500 A behaved 
alike. The dissolved iron averaged 0.10 + 0.02 
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dry oxygen 21.5 hours averaged 0.14 mg/cm’. Data 
are given in Table II. It seems that for some experi- 
ments, slight residual oxygen may have remained 
after pumping, although the averaged values of dis- 
solved iron indicate that, in most cases, the major 


Ten films were exposed 
to nitrogen for 60 minutes before immersion in nitric 
acid. The amount of iron reacting averaged 0.17 
+ 0.02 mg/cm? of iron surface, the same as for unex- 
posed films. It was concluded, therefore, that nitrogen 
exposure has no effect on the iron-nitric acid reac- 





mg/em? which is surprisingly close to the val 
found for iron films pre-exposed 60 minutes t« oxy. 
gen, namely 0.08 mg/cm’. The conclusion, therefore 
is that adsorbed oxygen and adsorbed carbon mop. 
oxide behave in much the same way in their effec 
on the reaction of iron with nitric acid. In eithe; 
case, about half the quantity of iron reacts com. 
pared with unexposed films. 


Effect of Decomposition Products of HNO, 


From the fact that about 2000 A of unexposed 
iron or 1000 A of air-exposed iron must react before 
iron becomes passive in HNO; suggests that rege. 
tion products of HNO; enter the mechanism oj 
passivity. Iron salts in small amounts are not effec. 
tive in the reaction as was proved by adding (3 
gram Fe(NO;);-9H,O to 150 ml HNOs, sp gr 1.42. 
and noting that the weight losses of iron foil speci. 
mens in the passivation reaction were no different 
than those for pure HNO;. The effect of nitrous 
acid, however, was positive. This was first observed 
in the determination of iron reacting with aged 
yellow concentrated acid instead of colorless fres! 
acid. The amount of iron (unexposed to air) reacting 
was only 0.07 mg/cm? compared with 0.18 mg/cm 
for the colorless acid. The responsible substance 
was most probably nitric oxide or nitrogen dioxide 
as was proved by adding 0.1 gram KNO, to 50 nl 
of the colorless acid. The weight loss of iron in this 
acid solution was 0.075 mg/cm?*. It was for this 
reason that all acid used in our experiments was 
first freed of dissolved gases by bubbling N, through 
it for several hours. 


Experiments with Bulk Tron and Gold Substrates 


High purity iron wires, 0.015-in. diameter, 5 to 
10 em long, and reduced in hydrogen at 1200°C, 
were immersed in nitric acid as were the iron-coated 
glass tubes. They were transferred from the hydrogen 
atmosphere into nitric acid within the test chamber 
in a streaming dry nitrogen atmosphere shown pre- 
viously to have no effect on the passivation reaction 
After two minutes in nitric acid, with but momentary 
pre-exposure to purified nitrogen, it was found that 
4 wires so treated lost 0.17 to 0.19 mg Fe/cem* of ap- 
parent surface. This corresponded within the expetr'- 
mental accuracy to similar measurements for trol 
films, average values for which were shown pre- 
viously to be 0.18 mg Fe/cem*. After exposure ol 
three such wires to oxygen for one hour, and then 
2 minute immersion in nitric acid, it was found 
that 0.10 to 0.11 mg of iron dissolved per cm’ of 
apparent surface. Considering the greater probable 
irregularity of the surface in the case of wires % 
compared with evaporated films, this value agree 
within the limits of accuracy to the value 0.05 
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mg/m" obtained for evaporated films. These experi- 
men's confirmed the earlier conclusion that eva- 
porated iron films do not behave essentially different 
from bulk iron in experiments of this kind. 

There was some curiosity about the effect of a 
substrate different than glass upon which the iron 
was evaporated. Since gold does not react with 
nitric acid, it proved a suitable base, at the same 
time having properties appreciably different from 
those of glass. Gold cylinders shaped the same as 
the glass tubes and containing a similar iron wire 
to permit manipulation with permanent magnets, 
were coated with iron in the evaporation cell. For 
two films greater than 2000 A, and without previous 
exposure to oxygen, it was found that 0.16 mg of 
iron dissolved per cm? of apparent surface. This 
corresponds to the parallel value 0.18 mg Fe/cm’, 
found for evaporated iron films on glass. The sub- 
strate, therefore, for films of this order of thickness, 
plays no large part in the nitric acid-iron reaction. 

Again, on exposure of two such iron-coated gold 
tubes to oxygen for one hour, the iron that reacted 
was about half (0.07 mg/cm’), thereby checking the 
value previously found for iron evaporated on glass 
and similarly exposed to oxygen. 

The experiments using gold cylinders were sup- 
plemented by experiments in which thin iron films 
were evaporated on gold films, the latter in turn 
evaporated on a thin film of chromium on glass. 
The chromium was first evaporated on glass to 
improve adhesion of gold. For three iron films rang- 
ing from 1000 to 1950 A, exposed to oxygen for one 
hour, the average iron reacting was 0.07 mg/cm’, 
again not different from results obtained previously 
for iron evaporated directly on glass. 

It is reasonable to conclude, therefore, that 
whether iron is evaporated on glass or on gold there 
is no substantial difference in the passivation re- 
action in HNOs. This conclusion may not be valid 
for thinner films of iron (<1000 A) where the sub- 
strate is partially exposed as the iron reacts, nor is 
it necessarily valid for all substrates. Further experi- 
ments along these lines are needed. 


Effect of Pre-exposure to Water and 
Dichromate Solutions 


Water, being a polar substance of large dipole 
moment, might be expected to adsorb on iron sur- 
faces, and for this reason might affect the iron-nitric 
acid reaction as do oxygen and carbon monoxide. 
However, water was found to have no such effect. 
Experiments were carried out in which 3 iron films 
removed from their outer glass containers in nitro- 
gen vere first immersed for a few seconds in deaerated 
water, then immersed in nitric acid. The water was 
deacrated by bubbling purified nitrogen through it 
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for a period of five hours or more. (Water so treated 
gives a negative Winkler Test for dissolved oxygen.) 
Iron reacting with the nitric acid averaged 0.16 
+ 0.01 mg/cm? which is practically the same as the 
value omitting pre-exposure to water. Similarly, 4 
iron films exposed to water for as long a period as 
74 hours also reacted to the extent of 0.16 + 0.01 
mg/cm’. It can be concluded, therefore, that water 
free of dissolved oxygen has no effect, within the 
present experimental accuracy, on the total amount 
of iron reacting with concentrated nitric acid. 
Experiments with Deaerated Dichromate 
Similar experiments, but with pre-exposure to de- 
aerated 0.1 per cent potassium dichromate solutions, 
were also carried out. Pre-exposure of 4 films for a 
few seconds showed essentially no effect, the dis- 
solved iron being approximately the same as that 
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Fic. 9. Effect of immersion in deaerated 0.1 per cent 
K.Cr.O; solution on amount of iron reacting in nitric acid, 
sp gr_1.42. 


for unexposed films. For 5 minute pre-exposure, 
dissolved iron for 2 films dropped to 0.10 mg/cm? 
and, after 2 hours, to zero. In other words, if iron is 
pre-exposed to 0.1 per cent potassium dichromate 
for 2 hours or more, there is no preliminary reaction 
with nitric acid before passivity is established. Pas- 
sivation of iron by the dichromate makes it un- 
necessary for iron to react in order to become passive 
in HNO. However, an induction period in dichro- 
mate solution is necessary before the effect is op- 
timum. Results are shown in Fig. 9. 

For short exposures to deaerated dichromate, be- 
low two hours, there was a considerable spread in the 
results, typical of effects at borderline passivity. 
The fact that the full effect of dichromate requires 
at least two hours is consistent with the viewpoints 


that chromate ions either chemisorb, which is often 
a slow process, or chemically react to form a stoi- 
chiometric compound (oxide). The more likely of 
these two processes is brought out by the next series 
of experiments in which the effect of dichromates 
could be partially washed off the surface. 
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Effect of washing.—In these experiments, iron films 
were pre-exposed to 0.1 per cent deaerated K,Cr.0; 
for 10 hours, which was ample to effect total passi- 
vation of iron before immersion in nitric acid. After 
this time, the iron specimens were washed suc- 
cessively in two beakers of deaerated water before 
immersion in nitric acid. For films immersed in 
distilled water for periods ranging from one minute 
to one hour, the total amount of iron reacting sub- 
sequently with nitric acid averaged 0.07 mg/cm’. 
For films immersed longer than one hour, the aver- 
age dissolved iron was approximately 0.06 mg/cm?, 
a value not much less than the value 0.07 mg/cm? 




































od 

* Tr — T T T T e 
° 10 ] + paint = J + 4 
E 4 © OEAERATED K2Cr207 i200 = 
ce] 

S 08} B AERATED K,Cr20, Pe os 2 
33° ; $ 
“o HRS 9 locos 
22 — = = SSS z 
: ca 
e¢ ' | a 
E 2 oak a bX . 
ro 14 r 4400 © 
ee ——_F— 2 
3 a 
° it “ 
ws A ray, D 4. m r i ° x 
a 10 20 30 40 50 60 2 
= 


TIME OF IMMERSION IN WATER, MINUTES 


Fig. 10. Effect of washing with deaerated distilled water 
on amount of iron reacting in nitric acid, sp gr 1.42, after 
immersion for 10 hours in deaerated 0.1 per cent K»Cr,O; 
solution. 
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Fic. 11. Effect of time of immersion in oxygen-saturated 


0.1 per cent K.Cr,O; on amount of iron reacting in HNO, 
sp gr 1.42. 


for shorter immersion (Fig. 10). Since 0.18 mg of iron 
would have dissolved per em? omitting pre-exposure 
to potassium dichromate, these results show that 
about 50 per cent of the effect of pre-exposure to 
potassium dichromate can be washed off by one 
minute exposure to water and that this is sub- 
stantially all that can be washed off up to periods 
as long as 9 hours. 

At the same time, an experiment in which two 
films were exposed 60 hours to 0.1 per cent potassium 
dichromate, and then washed for 2 minutes in water, 
showed the same amount of iron reacting with nitric 
acid as for 10 hour exposure, namely 0.07 mg/cm’. 
Therefore, whatever the nature of the residual 
chromate not washed away upon immersion in water, 
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its total effect is no different whether the j) is 
exposed to dichromate for 10 hours or for 60 ours. 

Experiments in oxygen-saturated dichromate. Tho 
main difference, using oxygen-saturated potassium 
dichromate in place of deaerated dichromate, \as , 
more rapid passivation of the iron. As shown jy 
Fig. 11, iron becomes totally passive upon 30 minute 
exposure to aerated dichromate, whereas it requires 
2 hours’ exposure to produce the same effect jy 
deaerated dichromate. The effects of washing also 
differed somewhat. After 10 hour immersion in ger- 
ated 0.1 per cent K:,Cr.O0;, followed by a 2 minute 
immersion in water, 0.03 mg of iron dissolved per 
cm? in concentrated nitric acid. This was about half 
the value corresponding to immersion in water after 
exposure to deaerated dichromate (0.07 mg Fe/cm?), 
Similarly for a 60 minute exposure to water after 
10 hour exposure to aerated dichromate, the dis- 
solved iron was 0.03 mg/cm*. The effect of aeration. 
therefore, is to hasten passivation of the iron by 
dichromate before exposure to nitric acid. Also wash- 
ing in water removes less of the effect of aerated di- 
chromate on the subsequent iron-nitric acid reaction. 


DISCUSSION 
Comparison with Results of Freundlich, Patscheke, 
and Zocher 


Our results show, in agreement with the quali- 
tative results of Freundlich, et al., (7) that pre-ex- 
posure of iron films to oxygen greatly reduces the 
amount of iron reacting in nitric acid of sp gr 1.42 
before passivity is established. Quantitatively, the 
amount of iron that reacts, omitting pre-exposure 
to oxygen, is 0.18 mg,’em* (2200 A), and for one 
hour exposure to oxygen the value is 0.09 mg/cm 
(1000 A), or roughly half. Freundlich’s films, on the 
other hand, dissolved incompletely after exposure 
to air even though they were much thinner, namely 
160 to 630 A thick, indicating that under the con- 
ditions of his experiment, less iron dissolved than in 
our experiments. This difference may have been the 
result of his using nitric acid containing nitrogen 
oxides instead of acid free of these gases as was use( 
in these experiments. There is also the possibility 
that carbon monoxide, always present in his exper'- 
ments by decomposition of iron carbonyl, had some 
residual effect on the passivation reaction which was 
not removed by evacuation to 10-* mm of mercury 
pressure. If such were the case, residual CO would 
decrease the amount of iron reacting with HNO: 

Freundlich and his coworkers found that  pre- 
exposure of iron to nitrogen, carbon dioxide, and 
water, followed by pumping off, had no effect on the 
passivation reaction. Our results for nitrogen and 
water in which exposure was not followed by pump- 
ing off led to the same conclusions. 
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One significant difference arises in the effect of 
pumping air-exposed films. They found that films 
in contact with air for a few seconds to several hours 
could not be restored to vacuum activity by pump- 
ing olf at 10-* mm mercury pressure. We found, on 
the other hand, that the effect of pre-exposure to 
dry oxygen even for one hour could be practically 
eliminated by pumping off at 10-* mm mercury 
pressure. The difference in evacuation pressures, or 
the effect of residual carbon monoxide, or use of 
nitric acid containing nitrogen oxides, may explain 
the variation in results. 

The present data, therefore, lead to the conclusion 
that pre-exposure of iron to oxygen affects the iron- 
nitric acid reaction, by and large, through a physi- 
cally adsorbed film of oxygen. Chemisorption of 
oxygen or iron-oxide formation may follow in due 
course, but this may require moisture or very long 
periods of exposure to oxygen, and is not necessary 
to account for the observations. 


The Nature of Passivation by Nitric Acid 


Experiments showed that the amount of iron re- 
acting before it becomes passive is affected by anodic 
polarization. Iron was made anode in concentrated 
HNO; and a current density of 200 ma/cm? im- 
pressed, using a platinum cathode. Appreciably less 
iron dissolved in the first second or two before the 
reaction apparently ceased than in absence of cur- 
rent. A current density of only 6 ma/cm?, on the 
other hand, increased the amount of iron reacting. 

Data illustrating this effect obtained by 8S. Lord 
of this laboratory are listed in Table IIT. A source 
of d-c current was connected, with ammeter in series, 
to a platinum cathode immersed in 150 ml of con- 
centrated HNO, and to a platinum wire spot-welded 
to an iron foil anode, 1 x 3 in. (0.12% C), but not 
immersed. The anode was quickly immersed, the 
maximum current recorded, and the iron content of 
the acid determined using the filter photometer, as 
before. Only two fifths the amount of iron dissolved 
before passivity was established compared with simi- 
lar iron specimens unpolarized. 

The anodic polarization results are consistent with 
early qualitative experiments of Michael Faraday 
(10) who observed that coupling iron to platinum or 
to oxidized iron (Fe;O,4) favored passivity in nitric 
acid. The galvanic current set-up in which platinum 
or Fe;O4 is eathodie to iron assists in production of 
the substance or substances on the iron surface 
which account for its passivity. As seen from data 
of Table III, the necessary current density must be 
fairly high. 

The effect by which pre-exposure of iron to oxygen 
decreases the amount of iron reacting with HNO; 
can > explained by the increased anodic polarization 
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of iron so exposed. Oxygen readily adsorbs on metals, 
but not uniformly. On certain areas, the gas adsorbs 
preferentially with accompanying higher heat of ad- 
sorption than on other areas. Some sites or areas may 
actually be uncovered. The preferred areas of greater 
population of oxygen atoms (or ions) where gas- 
metal bonding is more pronounced, act as cathodes 
(+) to areas of lower population (—). 

The resulting cells operate when iron is immersed 
in HNO; and the galvanic action, which may be 
pronounced because of proximity of anodes and 
cathodes, favors passivity of the anodic regions. 
The anodic and cathodic areas are not fixed, but are 
pictured as interchanging and shifting as the passi- 
vation reaction proceeds. In this way, all the iron 
becomes passive, although initially only the anodic 
areas are so affected. As explained earlier, the fact 
that the effect of pre-exposure to oxygen can be re- 
moved by evacuation points to a physically or re- 
versibly adsorbed gas on the iron surface, rather than 
to an oxide. Similar conclusions were reached by 
Tartar and Cone (11) by employing quite different 
experimental techniques. 


TABLE IIL. Effect of anodic polarization on amount of iron 
reacting with concentrated HNO; (sp gr 1.42) 
Anodic C, D. ma/cm?* 


No. of runs Avg wt loss of Fe mg/cm? 


0 3 0.07 
6 l 0.15 
200 2 0.025 


The effect of CO, and nitrogen oxides, in similarly 
reducing the amount of iron reacting with HNO, 
can be explained on the same basis, since it is likely 
that these substances adsorbed on iron also produce 
areas cathodic to areas not so covered. Carbon mon- 
oxide adsorbed on 18-8 stainless steel, for example, 
has been shown to shift the potential in a noble 
direction in both dilute HCI and NaCl solutions (9). 

Nitrogen does not adsorb on iron and, hence, has 
no effect on the iron-nitric acid reaction as is ob- 
served. Water presumably adsorbs on iron, but ap- 
parently not in such a way as to create cathodic 
areas, since the reaction with nitric acid is essentially 
unaffected. Of significance in this regard is the ob- 
servation of Dubois (12) that, in presence of water 
vapor, the volta potential of iron changes in an 
active direction, opposite to the noble potential 
change for adsorbed oxygen. 

Pre-exposure to deaerated potassium dichromate 
solutions has a marked effect on the nitric acid 
passivation reaction. Exposure for more than two 
hours prevents any iron reacting when immersed in 
concentrated HNO, but the effect is negligible if 
exposure to chromates is for less than a few minutes. 
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This can be interpreted as either chemisorption of 
the chromate on the iron surface (which takes time) 
or chemical compound formation for exposure times 
greater than two hours. Either explains the fact. 
However, the data show, in addition, that a large 
fraction of the surface chromate effect is reversible. 
For example, after 10 hours’ exposure, about half the 
effect of chromate can be washed off by immersion 
of iron in water, indicating that this part of the sur- 
face chromate is loosely held. One might hypoth- 
esize that immersion in water undercuts an oxide 
film, thereby displacing it and exposing the under- 
lying metal, but the fact that only half of the ef- 
fectiveness of chromate is removed, no matter how 
long the washing, makes this mechanism appear less 
plausible than that of adsorption. 

The combined effect of oxygen and chromate in- 
dicates that oxygen aids in the chemisorption of 
chromates. Its presence reduces the total time of 
exposure to chromates necessary for complete passi- 
vation of iron in nitric acid, and it also decreases 
the proportion of the effect that can be removed by 
washing. In other words, oxygen is beneficial in 
accelerating passivity when iron films are exposed 
to chromates. This supplementary effect of oxygen 
accords with similar effects noted by Cone and 
Tartar (11) who observed that, when immersing iron 
in chromic acid containing small amounts of sulfate 
or other activating ions, pre-exposure to a definite 
partial pressure of oxygen was necessary before pas- 
sivity was possible. 

Finally, the facts so far point to some reaction 
product of concentrated nitric acid combined pos- 
sibly with Fe+** as necessary to account for the 
fact that initial reaction with iron is stifled after a 
few seconds. Oxygen helps, but is not essential, since 
in its presence iron still reacts, although to a lesser 
extent than in its absence. Significant is the fact 
that pre-exposure to chromate reduces the amount of 
iron reacting to zero. This can possibly be explained 
on the oxide film theory of passivity as some ex- 
ceptionally impermeable chromium-iron oxide pro- 
duced by the chromate which physically isolates the 
iron from nitric acid and is thereafter kept auto- 
matically in repair by HNO. Alternatively, the 


adsorbed film theory of passivity would hypot hesizp 
the adsorption of chromate ions on the surface, o; 
the formation of compounds or ions during the 
initial reaction with HNO; (should chromaies jy 
absent) which when attaining sufficient concentrs. 
tion stifle the reaction by the same mechanisn 
proposed previously for corrosion inhibition }y 
CrO,—, NOs, and other passivators (13). 

The chemical nature of the adsorbed film formed 
in nitric acid is not known at this point. Whether 
higher iron oxides, higher nitrogen oxides, or ferric 
acid (H,FeO,) are formed which are stabilized by 
adsorption, remains for further experiments to prove 
The presently available evidence is certainly not 
contradictory to a film of that kind. It actually sup. 
ports this possibility over and above any other. 
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iron in the presence of oxygen. 






INTRODUCTION 





From the electrochemical point of view, iron in an 
acid is a multiple electrode upon which a number of 
potential determining processes act simultaneously 

|). In the dissolution of iron in air-free HCl, the 
following subprocesses are possible: 











1. Transfer of Fe?+ ions from metal to acid (ano- 
dic). 


2. Discharge of H* ions on iron, some of which 







enter the metal simultaneously, and the formation 
of molecular hydrogen (cathodic). 







3. Transfer of H*+ ions from metal to solution 
anodic). 

t. Transfer of Fe?+ ions from acid to metal 
cathodic). 









The individual subprocesses are opposed to each 





other, the partial currents adding algebraically to 
zero. When no external current flows, the afore- 







mentioned subprocesses of corrosion of the multiple 
electrode in the acid are irreversible. Thus the en- 
suing Galvani voltage on open circuit of the metal, 
j,, is a mixed voltage whose value lies between the 
Galvani voltages of the subprocesses. 

Inhibitors considerably hamper the dissolution of 
iron in acid and are able to produce overvoltages of 
various kinds (2): blocking overvoltage Ag, con- 
centration overvoltage Ag., transfer overvoltage Agu, 
crystallization overvoltage Ag,, and poisoning over- 
voltage Ag,. 












INFLUENCE OF INHIBITORS ON THE TRANSFER OF 
Fe’ Ions FROM THE METAL TO THE SOLUTION 






The cell used was a 150 ml beaker with a concentric 
polyvinyl chloride diaphragm. In the annular outer 
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The Influence of Inhibitors on the Dissolution of [ron 
in Acid Solution’ 
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Technical University at Berlin-Charlottenburg (Institute for Physical Chemistry and Electrochemistry), and 
Werkstoff-Hauptlaboratorium of Siemens & Halske at Berlin-Siemensstadt, Germany 


ABSTRACT 


Inhibitors which affect the reaction of iron with hydrochloric acid differ in the mech- 
anism of their action. They increase the metal-solution overvoltage only slightly, but 
considerably raise the hydrogen overvoltage. Inhibitors, otherwise effective, have little 
influence on the reduction of ferric ions at a platinum cathode. At an iron cathode, 
ferric ions are reduced primarily by hydrogen, which inhibitors activate. Inhibitors are 
effective in the dissolution of iron only if the reaction MeH + MeH 
takes place. This explains the relatively slight effect of inhibitors on the dissolution of 


> H, + 2Me 


space (cathode space), two platinum cathodes (20 x 
40 mm) were mounted opposite each other between 
the diaphragm and cup wall. The inner space (anode 
space) of the diaphragm contained the anode (25 x 
24 x 0.8 mm) made of sheet carbonyl iron with less 
than 0.01 per cent of carbon. 

To obtain a uniformly roughened metal surface, 
the sheet iron anode was immersed in 3.64N HCl, 
washed with distilled water, and hung in the anolyte 
with no current flowing. 

Prior to each test the platinum sheets were placed 
in boiling concentrated HNO, for 15 minutes and 
then washed with distilled water. For all measure- 
ments, the catholyte was pure 3.64N HCl, whereas 
the anolyte consisted of the same acid to which the 
appropriate inhibitors were added. 

To eliminate oxygen, a glass tube was inserted in 
the anode space, at a distance of 0.4 cm from the 
surface of the catholyte, through which a constant 
stream of CO, flowed at 200 bubbles per minute. 

The anode potential was measured versus a satu- 
rated calomel electrode. All measurements were taken 
at 25°C + 0.2°C. 

The measured cell voltages were reproducible to 
+ 0.91 v. The difference Ag, between the voltage 
on closed circuit g;, and the voltage on open circuit 
ge With given inhibitor x present each time is de- 
fined as the overvoltage of the anodic dissolution of 
the metal: 


Ag: = Giz —Qrz- 

To judge the effects of the inhibitors, it is desirable 
to know Ag, in relation to the overvoltage in absence 
of the inhibitor, Ag: 

Ag’, = Ag, —Ag. 


Fig. 1 shows the //g; curves in the range of current 
densities between 2-10~* and 3-10-* amp/cm?. Con- 
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stant g, is observed after about five minutes of 
current flow. The g; values are referred to a standard 
hydrogen electrode. 

The effect of the following organic additions was 
studied : 

Victoria-blue B, 2 mmole/| (chlorhydrate of Bis 
(4 - dimethylaminopheny]l) - (4 - anilinonaphtyl - 
(1))-earbinol). 

Crystal-violet, 4 mmole/l and 50 mmole/! (hexa- 
methyl-p-rosanilin-chlorhydrate). 

Cinchonine-chlorhydrate 1.25 mmole/1. 

Trypaflavine, saturated solution (at 15°C about 
2 mmole/l) (3.6-diaminoacridin-10-chlormethylate). 

Thiourea, 4 mmole /1. 


| noinhibitor 0 
Victoria-blue 1 
Crystal-Violet, 4mmole/i 2 
" «“ $% « Za 
9. Cinchonine-chlorhydrate 3 


Trypaflavine 4 
Thiourea 5 





1 + ae . eee: 
1:1073 2:10-3 3:1073 
+J amp/em? —e~ 





Fic. 1. Anodic dissolution of iron in HCl in the 
presence and absence of inhibitors. 


A comparatively small increase of Ag’, by 0.01 
and 0.04 v was caused by the inhibitors. For higher 
concentrations of crystal-violet, the Ag’, values be- 
come negative, i.e., the //g;-curve here rose less than 
in absence of inhibitors. The activator thiourea 
naturally makes the Ag’,-values negative. 

To judge the effects of the inhibitors on the trans- 
fer of the Fe*+ from metal to solution, the over- 
voltage values at higher current densities are de- 
cisive. In the event of smaller current densities near 
the Galvani voltage, the influence of the partial 
cathodic current is not yet fully compensated by the 
anodic polarization. But particularly in this range 
near the Galvani voltage on open circuit, the in- 
hibitors have greater influence on the overvoltage 
than in case of higher current densities, thus also 
causing the //g;-curves to become displaced. 
The comparatively small Ag’, values on closed 
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circuit (0.01 to 0.04 v) are due to the crysta! \Zation 
overvoltage at the boundary of the metal crysta\; 
the transfer overvoltage at the transition of tle Fe 
through the double layer, and to the blocking over. 
voltage. 

In view of the small change of Ag’, with increasing 
current density, inhibition apparently hecomes 
weaker with increasing current density. This might 
be caused by the inhibitors showing the behavior of 
cations. Another possibility is that a (depolarizing 
oxidation of the inhibitors at increasing current dep. 
sity takes place, which is superimposed on the proces 
of the anodic dissolution. One phenomenon cop. 
firming this assumption is the decrease of the in. 





= 106/-35 -40 -4,5 








noinhibitor 0 
werent wid 7 ne 

tal-Violet, 4 mmole, J. 
% « §0 4 2a 06 
Cinchonine-chlorhydrate 3 4g 
Trypaflavine 4 
Thiourea 5 | Volt 


| 
Fig. 2. Hydrogen overvoltage on iron in the presence 
and absence of inhibitors in HCl. 


hibiting effects at a higher concentration of Crystal: 
violet. 


INFLUENCE OF INHIBITORS ON THE CATHODIC 
DISCHARGE OF HYDROGEN 


Alteration of Hydrogen Overvoltage on Iron 


The same equipment was used as for measuring 
anodic overvoltage, except that the poles wert 
changed. 

Fig. 2 shows the hydrogen overvoltage 4g: " 
volts vs. the logarithm of the current density. 

Measured Ag; values are of the order of 0.1, 
i.e., in most cases about ten times the Ag, values 
on inhibition of the anodic transfer of Fe?*. This 
becomes more evident if, in case of hydrogen dis 
charge, Ag’, and Ag, in the presence of the individual 
organic additions are calculated. Table I gives 44: 
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and for the dissolution of iron at a current 
densi, of 2-10~* amp/em’. 

The sequence of the inhibitors as to their ef- 
jicienc\ is different on both electrodes. 

In «ase of an electrolyte free from additional sub- 
stances, the curve shows no linearity, as required by 
Tafel’s equation, at small current densities; this 
might be due to the fact that, in this case, the 
cathodic polarization is not yet adequate for com- 
pensating the partial current density of dissolution. 
The linear portion of the parallel curves shows the 
constant 6 to be 0.11 in agreement with other values 
in the literature (3). 

The following kinds of overvoltages may con- 
tribute to the increase of the hydrogen overvoltage: 
poisoning overvoltage, blocking overvoltage, and, at 
a high current density and strong inhibition, even 
concentration overvoltage. Of these, the first is sup- 
posed to play the most important role. It must apply 


; / 
TABLE I. Ag, and A,, values at a current density of 
2-10°-* amp/em? for cathode and anode 


Cathode Anode 
Substance added 
Age Ag: Ags Ag: 

No addition —0.05 — +0.04 
Vietoria-blue —0.30 | —0.25  +0.08 +0.04 
Crystal-violet —0.17 | —0.12 | +0.06 | +0.02 
Cinchoninechlorhy- 

drate —0.13 —0.08 +0.06 +0.02 
Trypaflavine —0.18 —0.13 | +0.05 +0.01 
Thiourea —0.08 +0.02 | +0.00 —0.04 


to the inhibition of combination of H to He. As 
already mentioned, the overvoltage is considerably 
smaller for transfer of Fe** from metal to solution. 
Even if the anodic overvoltage should be a pure 
activating overvoltage, a transition of H* or elec- 
trons through the double layer in the presence of the 
same inhibitors is not likely to cause substantially 
greater effects. It could, however, be objected that 
a greater inhibition is expected on the cathode, as 
the inhibitors used were cationic. 


INFLUENCE OF INHIBITORS ON THE TRANSFER OF 
ELECTRONS FROM THE METAL TO THE SOLUTION 


Reduction of Fe*+ Ions on a Platinum Cathode 


A smooth platinum electrode was used to avoid 
secondary reactions, i.e., corrosion. 

The anolyte remained unchanged but 100 g/1 of 
FeC],-6H,O were added to the catholyte. 

Fig. 3 contains the results of the experiments. 
There are two remarkable facts: (a) the weak in- 
hibition which cannot be detected unless a scale of 
one {> four is chosen; and (b) the linearity of the 
curve: in a certain range of current densities. 


The perceptible but very weak inhibition at higher 
current densities appears to be a concentration over- 
voltage. In the linear range of the J/g; curves, a small 
resistance voltage is probably present particularly 
as far as the effects of the 50 mmole/! crystal-violet 
are concerned. The curve of reduction without or- 
ganic additions is also linear. It may be possible 
that the hydrated Fe*+ enriched by Cl- produces 
a small resistance overvoltage. 

In any case, even the effect of 50 mmole/| of 
crystal-violet, which increases the overvoltage, causes 
the latter to increase by no more than about 0.01 v. 
The organic inhibitors only partially impede trans- 
fer of electrons from the metal to the solution. Bock- 
ris and Conway (4), by another method, found a 
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Fic. 3. Cathodic reduction of Fe** in HCI on platinum 
in the presence and absence of inhibitors. 


negligible resistance overvoltage in the presence of 
organic inhibitors. 





Influence of Inhibitors on Hydrogen Overvoltage 
on Platinum 


An objection could be made that the small effect 
of inhibitors on the cathodic reduction of the Fe** 
on platinum is caused by low adsorption of in- 
hibitors on the platinum. If so, the same inhibitors 
should have no influence on the hydrogen over- 
voltage on platinum. 

The same experimental system was used except 
that Fe*+**+ was not added. On smooth platinum, 
reproducible values were obtained only after about , 
two hours. 

Fig. 4 indicates the influence of the current den- 
sity on Ag,;. The effects of the inhibitor on platinum 
differed in both quality and quantity from those on 
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iron. To comprehend the difference, it should be 
considered that the organic additions themselves 
are more or less reducible, and their products of re- 
duction may have inhibiting properties. The re- 
duction of a substance A does not take place with 
direct transfer of electrons: A + @ + H+ — AH, 
but secondarily with primarily evolved hydrogen: 
A + H — AH. The reducibility of such compounds 
is dependent on the cathode. The pressure of the 
atomic hydrogen is influenced by the catalytic effect 
of the free metal surface, or by the organic inhibitor. 
On platinum the pressure of the atomic hydrogen is 
lower than on iron because of the stronger catalytic 
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Fic. 4. Hydrogen overvoltage on platinum in the 
presence and absence of inhibitors in HCl. 
effects of platinum. If the pressure of hydrogen 
exceeds the critical limit, the H atoms are at once 
consumed in the reduction. A depolarization reaction 
is superimposed on the inhibition; the Galvani volt- 
age evidently becomes noble. 


Reduction of the Fe** Ions on the Iron Electrode 


The test was carried out as before except that an 
iron electrode made of the same kind of material as 
in former experiments was used. 

Fig. 5 shows the J/g, curves (g,; values being 
referred to a standard hydrogen electrode). The 
diagram differs entirely from that showing the re- 
duction of Fe** ions on the platinum electrode. 

The mechanism of reduction of Fe** ions on iron 
obviously differs from that on platinum. It is very 
likely that the reduction on platinum in the range 
of current densities under test takes place via the 
direct transfer of electrons: 


Fe*+ + 6 — Fe?*. 






JOURNAL OF THE ELECTROCHEMICAL SOCIETY Ji 





(@ 1959 





It appears that, on the soluble iron electrode, y; 
least some of the Fe*+ is reduced by: Fe*+ + 9 | 
Fe*+ + H*. In the presence of negatively cat:lyzing 
inhibitors, the quantity of atomic hydrogen, jg jp. 
creased because of inhibition of recombination, Re. 
duction of Fe*+ becomes easier with increased pres. 
sure of the hydrogen: thus depolarization has {, 
occur. Interpretation of the activating effect of sub. 
stances showing inhibition in other cases supports 
this postulate that organic inhibitors increase by. 
drogen overvoltage largely by means of the p: visoning 
overvoltage Ag). 
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Fig. 5. Cathodic reduction of Fe** on iron in th 
presence and absence of inhibitors. 






INFLUENCE OF INHIBITORS ON THE DISSOLUTION OF 
IRON AS WELL AS ON THE GALVANI VOLTAGE ON 
OpEN CIRCUIT 







Dissolution of Iron in the Absence of Fe** Ions 






After the usual preparation of the sheet iron 
samples of same kind of material and size as in the 
foregoing experiments, the loss of iron in 3.6N HC 
was measured gravimetrically. The experimental 
equipment was placed in a glass jar through which 
passed a gentle stream of CO, (200 bubbles pe! 
minute). 

Fig. 6 shows the curves and the Table II gives the 
current densities equivalent to the dissolution rate 

When comparing the effects of the inhibitors 0! 
the hydrogen overvoltage (Fig. 2) with the anodi 
dissolution of the iron (Fig. 1) in the range ©! 
current densities applied to such dissolution, the 
same sequence is observed as in case of the hydroge! 
overvoltage. Victoria-blue is the most efficient 1- 
hibitor, followed by crystal-violet. Cinchonine- 
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chloriydrate shows practically no effect, whereas 
trypvilavine is slightly activating. In both cases, 
thiourea is an efficient activator. The conformity 
of the inhibitor effects on the dissolution, with the 
effect on hydrogen overvoltage confirms the assump- 
tion that inhibition of the hydrogen overvoltage gov- 
erns the whole process of dissolution of iron. 


noinhibitor 0 

Victoria-blue 1 

Crystal -Violet, Ps mmole/l 2 
4“ a“ “ 


2a 
' Cinchonine-chlorhydrate 3 
mg Trypaflavine 4 
aaa Thiourea 5 





0,04 
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hours —> 


Fic. 6. Dissolution of iron in the presence and absence 
of inhibitors in HCI. 


TABLE IIL. Current densities equivalent to the dissolution of 
tron in acid 


Substance added Current density amp/cm? 


No addition 3.99-1075 
Victoria-blue 5.93-10~* 
Crystal-violet 2.08-1075 
3. ad 
5. & 
1. ad 


Cinehoninechlorhydrate 94-10 
Trypaflavine 58-10 
Thiourea* 51-10 


* Separation of iron measured after one-half hour. 


Dissolution of Iron in the Presence of Fe** 


Similar experiments were made to ascertain the 
tate of dissolution of iron except that the HCl con- 
tained 100 g/l FeCl. SH.O (0.37 molar). Fig. 7 
shows that the rate increases enormously (about 130 
times that in absence of Fe*+) and is not inhibited 
by the organic additions, but perhaps activated 
slightly. No evolution of hydrogen is observed. 
| If, in the same electrolyte, the anodic I/gr curve 
is considered (Fig. 8), inhibition of the additions can 
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be detected distinctly. This anodic effect of the in- 
hibitors might compensate for the activating influ- 
ence on the cathode so that there is little change in 
the whole process. 
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Fic. 7. Dissolution of iron in the presence and absence 
of inhibitors in HCl to which 100 g/l FeCl,-6H.O were 
added. 
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Fic. 8. Anodic dissolution of iron in the presence and ab- 
sence of inhibitors in HCI to which 100 g/l FeCl;-6H.O were 
added. 


The experiments on dissolution of iron in the 
presence of Fe*+ may be considered as fundamental 
experiments on dissolution of iron in the presence of 
oxidizing agents in general. In all cases where atomic 
hydrogen is consumed at once by an oxidizing agent, 





= QTE Ty dese | Se 


Ts 


ho ee 





264 JOURNAL OF THE ELECTROCHEMICAL SOCIETY Jun 


no poisoning effects by inhibitors will be found. 
Formation of molecular hydrogen in the reaction 
MeH + MeH — H, + 2Me is the reaction which is 
sensitive to inhibitors. Thus inhibitors may show 
almost no impeding effect and under certain con- 
ditions may even be activating. This explains why 
the impeding effects of inhibitors on the corrosion 
of iron in the presence of oxygen, even at low pH, are 
so surprisingly small. 


Semilogarithmic Plot of Potential—Current Density 
Curves 
It is known that a plot of the electrode potential 
vs. the logarithm of the current density used for the 
cathodic production of hydrogen frequently yields a 
straight line. Tentatively, the same may be assumed 
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for the anodic dissolution of iron. Fig. 9 shows the 
semilogarithmic plot of the potential—current den- 
sity curves obtained by polarizing an iron electrode 
anodically and cathodically, respectively, in a 
solution of 3.6N HCl without inhibitor. These 
curves are, in fact, nearly rectilinear. Thus one may 
extrapolate these curves as is indicated by broken 
lines. 

If the assumptions hold, the intersection should 
give the corrosion potential of the iron electrode for 
zero external current and, moreover, the corrosion 
current density. The point corresponding to the 
observed values of the corrosion potential and the 
corrosion current density is indicated by an open 
circle, which is not too far from the intersection of 
the extrapolated curves. : 

As mentioned before, electrochemical measure- 
ments have shown that (a) the corrosion potential 
is shifted to a more noble potential and (b) both the 
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anodic and the cathodic polarization curves a) 
placed to a certain extent. These effects ar 
firmed in the semilogarithmic plot. They are gr: 
for Victoria-blue B as shown in Fig. 10a. bor g 
comparison, the curves obtained without inhibitor 
are also shown. The state of the electrode fo) zero 
external current is indicated by an open circle. 
The effects for the three other inhibitors, erystal- 
violet, cinchonine, and trypaflavine, are consider- 
ably less, but the general characteristics are the 
same as for Victoria-blue B (Fig. 10b, e, d). 
From the semilogarithmic plot it may be con- 
cluded that the inhibition seems to be mainly an 
anodic effect. But this is in contradiction to the 
following experience: (a) The supposed anodic effect 
of inhibitors was not found in the presence of Fe*, 


dis- 
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Fia. 9. Anodic (A) and cathodie (B) current densit\ 
curves in semilogarithmie plot (HCI without organi 
inhibitor). 


the latter influencing only the cathodic process. () 
Cationic inhibitors inhibit better anodically than 
cathodically. 

In semilogarithmic plots (and nonlogarithmic 
plots, too) the anodic curves are determined by the 
Galvani voltage on open circuit ascending to 
nobler values in the presence of inhibitors. The 
main effect of inhibitors is, in fact, given at the 
Galvani voltage on open circuit, as Fig. 1 shows 

Ascending Galvani voltage on open circuit com- 
bined with a simultaneous decrease of corrosion 
current density (as in our example) is generally 
supposed to be an anodic effect. On the other hand, 
a cathodic effect is assumed if Galvani voltage on 
open circuit and, in the same way as before, cor- 
rosion current density are descending. 

In this paper it is shown that the inhibitors used 
were more or less strongly reduced on the cathode. 
Their cathodic reduction produces (ennobling) 
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zation thereby diminishing inhibition. De- 


dept 

polarization takes place especially at current densi- 
ties as small as the corrosion current densities. As to 
the nunimal inhibitor concentrations, high current 


densities cause concentration polarization. 
If there is no depolarization by reduction of in- 
hibitors, the anodie curves are displaced parallel to 
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case the reducible inhibitors diminish the corrosion 
current density by inhibition (poisoning over- 
voltage), though the Galvani voltage already be- 
comes nobler by depolarizing reduction. 
Furthermore, in anodic corrosion the organic 
substances used showed a different effect than on 





iron corrosion without external current. The in- 
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Fie. 10. Anodie (A) and eathodic (B) current density curves in semilogarithmic plot (HCI without inhibitor). 
Fic. 10a. Victoria-blue B (J, = 0.6-10-5) 
Fic. 10b. Crystal-violet (J. = 2-107) 
Fic. 10e. Cinchonine (J, = 4-1075) 


Fic. 10d. Trypaflavine (J. = 6-1075) 


smaller potentials, obtained by subtraction of the 
ennobling values resulting from depolarization. 
Then cathodic overvoltage prevails. Therefore, in the 
presence of reducible inhibitors it is not necessary to 
assume that ascending Galvani voltage on open 


circu is eaused by ennobling anodic overvoltage. 
li is more probable that this effect results from 
fino! ling cathodic depolarization. Moreover, in our 


hibitor effects on hydrogen overvoltage, however, 
coincide well with their influence in corrosion with- 
out external current and also in quantitative values. 


CONCLUSIONS 
1. Inhibitors differ in their influence on the sub- 


processes of the mechanism of dissolution of iron in 
hydrochloric acid. The transfer of Fe*+ from metal 
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to solution produces an overvoltage which is small. 
Hydrogen overvoltage, however, is increased con- 
siderably in the presence of inhibitors. 

2. Transfer of electrons from metal to solution in 
the cathodic reduction of Fe** on platinum is only 
slightly influenced by otherwise efficient inhibitors. 
Only a small resistance overvoltage appears. To a 
high degree, Fe** is reduced on an iron electrode 
by hydrogen. The inhibitors used acted as activating 
agents. Such activation may be explained by an in- 
crease of H-atoms on the poisoned iron surface, which 
aided the reduction. 

3. Inhibition of the discharge of hydrogen governs 
the whole process of the dissolution of iron in the 
presence of inhibitors. This follows from (a) the 
conforming sequence in the efficiency of inhibitors 
in the dissolution of iron and discharge of hydrogen, 
and (b) the fact that inhibitors show almost no 
effect if the evolved hydrogen is consumed at once 
by an oxidizing agent (Fe**). 

4. Inhibitors impede the dissolution of iron to a 


high degree only if the reaction MeH + M. 4X, 
2Me, which is sensitive to inhibitors and vhogp 
inhibition shows itself by strong poisoning cilects 
is included. This also explains the compara‘ivyely 
small effect of inhibitors in the dissolution of jrop 
in the presence of oxygen. 

5. It is supposed that ennobling of potential oy 
open circuit by the reducible inhibitors used js yo} 
caused by an anodic overvoltage, but by cathodic 
depolarization resulting from inhibitor reduction a} 
the corrosion current densities. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1952 issue of the 
JOURNAL. 
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Electrodeposition Behavior of a Simple Ion 


II. Precipitation Into a Liquid Electrode (Mercury)' 


L. B. RoGrers 


Department of Chemistry and Laboratory for Nuclear Science and Engineering, Massachusetts Institute of Technology, 
Cambridge, Massachusetts 


ABSTRACT 


The distribution of a trace of an element between an aqueous solution of its salt and a 
mercury cathode may be considered to be a special example of solvent extraction in 
which the distribution is a function not only of the volume of the liquids but also of the 
cathode potential. If the deposition behavior differs from that predicted from polaro- 
graphic studies, the deviations provide fundamental information about the reaction. 


INTRODUCTION 


The possibility of improving electrolytic sepa- 
rations by controlling the potential of one of the 
electrodes is a comparatively old idea, but it is only 
in recent years that suitable automatic instruments 
have been designed which make possible much 
closer regulation of the potential than noninstru- 
mental techniques. The automatic control not only 
facilitates the performance of an electrolysis, but 
also increases the number of probable applications. 
Another recent advance was the elimination of the 
painstaking empirical procedure for obtaining data. 
Lingane (9) was the first to point out the usefulness 
of polarographic information in selecting the po- 
tential at which to carry out an electrodeposition 
into a mercury cathode, a principle later applied by 
Griess and Rogers (5) in studying electrodepositions 
onto a solid electrode. The purpose of the present 
paper is to extend the work of Lingane by showing 
that it may be possible to improve certain sepa- 
rations by adjusting the ratio of the volumes of 
mercury and aqueous solution before electrolysis. 

GENERAL 

In demonstrating the thermodynamic relationship 
between the polarographic half-wave potential and 
the standard potential for the reaction involving 
a metal which forms an amalgam, Lingane (8) has 
shown that the half-wave potential very closely 
approximates the potential at which the concentra- 
tion of the ion in the aqueous phase is equal to the 
concentration of the element in the mercury, both 
concentrations being expressed in moles per liter of 
solvent. To a first approximation, which ignores 
activity coefficients and diffusion coefficients, one is 
then justified in writing for 30°C22 


‘Manuseript received January 17, 1951. This paper 
prepared for delivery before the Cleveland Meeting, April 
19 to 22, 1950. 

*The sign convention of Latimer (7) has been used 
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_ 0.060 (1.— 2x)/Vox 


E = Eyp iog ——__-——— (I) 
in which F is the potential on the electrode, E, is 
the polarographic half-wave potential in the sign 
convention of Latimer (7), n is the number of 
electrons transferred by an atom in being oxidized, 
x is the fraction of the element in the mercury, 
V.x is the volume of the aqueous phase, and Vyea 
is the volume of mercury. From this equation it is 
obvious that one would expect half of an element 
to be found in the mercury phase when the potential 
on the mercury is equal to the polarographic half- 
wave potential, if the volumes of mercury and 
aqueous solution are the same. However, one might 
expect the potential at which half of the element is 
deposited, Hsoe,, to change with the ratio of the 
volumes of the two phases according to equation 


(II): 


} ail = log V rea/ V ox . (IT) 


Equation (II) shows that if two elements have dif- 
ferent values of n, their Ese, values will shift 
different amounts with a given change in the volume 
ratio, thereby providing a means of improving the 
separation of elements whose polarographic half- 
wave potentials are close together. Qualitatively, 
one can predict that the relative rates of change in 
Exon, for two elements will be greater, the larger the 
values for the ratios of n, 1.e., 3/2 < 2/1 <3/1. 


Methods for Selecting Conditions for a Separation 


In any separation process, it is usually necessary 
to compromise the goals of “complete” recovery of 
an element and maximum improvement in the 
purity of the product. Such a compromise is certainly 
required in an electrolytic separation of two elements 
whose polarographic half-wave potentials are close 


throughout. Therefore, the usual sign of polarographic half- 
wave potentials (9) must be changed before substitution. 
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together (< 0.2 v) if only a single-stage electrolysis sometimes referred to as the ‘‘purity,” the latte; 
is considered. If an electrolysis can be repeated more depends not only upon the “enrichment” })i¢ ajc, 
than once or if a counter-current fractionation can upon the initial amount of each element (1\), 13) 
be performed, the compromise in turn can be less It is evident that a similar ratio prepared from thp 
severe. values for 1 — x, using the value for the less nob}, 





element in the numerator, may be employed t, 
describe “‘enrichment”’ in the aqueous phase 

Considering first the separation of the more noble 

element M, from M, when both undergo the same 

electron transfer, it is obvious that if both reactions 

1; have the same half-wave potential, no separation eq) 





Semilog Graph 





A wide variety of conditions, particularly those 
involving changes in volume ratio, can be surveyed 





















be made regardless of the values for the potentia| 
-—{0 00001 ' - 
scene and the volume ratio. On the other hand, if there js 
0.0000 a difference in the half-wave potentials, a diagram 
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can be made as shown by the solid lines in which 
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TABLE I. Data for the separation of two monovalent element 
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Fig. 1. Effect 


of a tenfold decrease in the volume of 

































































; bili 5 6  0.0001000  0.0000001 | 1000 1.000) 
soe on the separability of two monovalent elements 6 7 0.001000 0.000001 1000 1001 
soluble in mercury. 7 Ss 0.00990 0.00001 990 1.010 
ae. ee 8 9 0.09091 0.00010 909 1.100 
9 10 = 0.50000 0.00100 500 1,998 
E son t «30°C : 
bik a of 10 11 0.90909 0.00990 91.8 10.89 
Me * 2 0 00001 11 12 0.99010 0.09091 10.89 91.8 
Vaeo * Vox _ 12 13. 0.99900 0.50000 1.998 500 
\ 10 Vaeo * Vox Fi rote 13 14 0.99990 0.90909 1.100 909 
H 5 ( 99010 1.010 990 
ais 14 15 0.99999 0.9% ty 








0.999999 . 99900 1.000 











n was assumed to be unity and the difference i 























































099980 
‘nea half-wave potentials, 0.18 v. 

An examination of the data in Table I, which was 
ee hea i taken from Fig. 1, reveals that the logarithm of th 
Pe PR. TEM OE BY. a maximum enrichment that can be obtained in 4 
Fig. 2. Effect of a tenfold decrease in the volume of single electrolysis can be calculated by taking * 
mereury on the separability of a mono- and a bi-valent difference of the half-wave potentials and dividing 
element, both soluble in mercury. by the value of 0.060/n. Under the arbitrary con 
5 ditions selected for Fig. 1, the maximum enrichment! 
rapidly by constructing graphs similar to those in in the mercury phase is closely approached only a! 
Fig. 1 and 2. These graphs are made by drawing for potentials more negative than e, where the re- 
“ach element a solid line with a slope of 0.060/n covery of element M, is about 1 per cent. (At po 
through the value for its polarographic half-wave tentials more cathodic than e,, exactly the same 
potential. Such a line gives, at any potential, the enrichment is obtained for element Mz, in the 
ratio of the concentrations of that element in the aqueous phase.) Table I also shows that in going 
aqueous phase and in the mercury on the left-hand from potential e, to e,, the enrichment of M;, in the 
ordinate. The corresponding value for x at each mercury phase falls off rapidly from its maximum 
potential is found on the right-hand ordinate. value and approaches unity as a limit. It is interest- 
From a ratio of the values for x for two elements in ing to note that an electrolysis at Esoo, allows half o! 
which the value for the more noble element is in the element .V, to be recovered at half of its maximum 

numerator, one can express the “enrichment” of the possible enrichment. 





deposit at any given potential. [Although this is If, on the other hand, the necessity for “quanti 
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tative recovery of element M/, is more important 
than its change in purity, electrolysis at Eso; 

permiis recovery of 99.9 per cent of M, accompanied 
by only 50 per cent of the initial amount of M». 
N potential giving 99 per cent recovery of M, will 
vive only 10 per cent of the original M». 

The result of using a tenfold larger volume of 
mercury is shown for both elements by the dotted 
lines in Fig. 1. 

Because the curve for the new volume ratio is 
displaced from the original by the same amount for 
each element, an electrolysis at the new ratio gives 
the same result as that previously obtained at one 


TABLE Il. Data for the separation of mono- and di-valent 
elements having the same polarographic half-wave 
potential at 30°C 


1 v1 
Potential units v1 x2 X1/X2 aan ae 
a 
V os 
8 0.00100 0.000001 1000 1.001 
i) 0.00990 0.00010 99.0 1.010 
10 0.09091 0.00990 9.18 1.089 
11 0. 50000 0.50000 1.000 1.000 
12 0.90909 0.99010 0.918 0.109 
13 0.99010 0.99990 0.990 0.010 
13.5 0.99685 0.99999 0.997 0.317 
14 0.99900 0.999999 0.999 0.001 
2. ha = 0.1 
Vos 
Ss 0.0001000 — 0.0000001 1000 0.999 
i) 0.00100 0.00001 100.0 0.999 
10 0.00990 0.00100 9.09 0.991 
ll 0.09091 0.09091 1.000 1.000 
12 0. 50000 0.90909 1.818 5.500 
3 0.90909 0.99960 1.099 90.9 
13.5 0.96937 0.99990 1.089 306 
l4 0.99010 0.99999 1.010 990 


unit less cathodie. Conversely, any change in the 
separability of two elements which would result from 
a change in the volume ratio can be nullified by an 
appropriate change in the cathode potential. Thus, 
the only condition under which the use of a relatively 
large volume of mercury would seem justified is 
when the recovery of an element must be improved 
while, at the same time, the maximum potential at 
which the electrolysis can be carried out is limited 
‘or some reason, such as hydrogen evolution. As an 
example, one may cite the case where the precipi- 
lation of minute traces of platinum metals onto a 
mercury cathode has been observed to lower the 


hydrogen overvoltage so much that hydrogen 


evolution imposes a practical limit on the cathode 
poten! al that can easily be obtained (3). 
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Had the volume ratio in Fig. 1 been changed to 
10 instead of 0.1 the situation would have been 
similar to that reflected in the ratio (1 — x2/1 — x) 
in the table but with the respective values shifted 
in the opposite direction. Unfortunately, the volume 
ratio that one may use is limited by practical con- 
siderations in that values beyond the limits of 100 
or 0.01 represent situations which are mechanically 
awkward to handle or very time-consuming to 
equilibrate. 

Fig. 2 illustrates the situation resulting when both 
a one- and a two-electron reaction have the same 
half-wave potential. It is immediately obvious that 
there can be no change in purity if the electrolysis 
is carried out at the half-wave potential where the 
lines intersect, but there is a change at every other 
potential. Proceeding in one direction from the 
half-wave potential, .W, is enriched to a slight extent 
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Electrode Potential — units of 0.060 volts (Cathode Pol. —») 


Fic. 3. Typical graph for judging the separability of 
two elements having nearly the same values for Es ,. 


in the mercury; in the other direction, in the aqueous 
phase. However, a suitable single-stage separation 
is certainly impossible at any potential. Fig. 2 also 
illustrates the effect. of a change in the volume ratio 
on a pair of reactions having different values of n, 
and data from this figure is assembled in Table II. 
The effect of a decrease in volume ratio at any 
potential less cathodic than the half-wave potential 
is to decrease recovery of M, with a moderate to 
slight gain in enrichment. At more cathodic po- 
tentials, the recovery of both elements is decreased 
without materially affecting enrichment. 


Linear Graph 


Despite the fact that graphs like Fig. 1 and 2 are 
easy to construct, useful in demonstrating the ef- 
fective shift in Hsoe,, and helpful in calculating 
x at potentials two or more units from Esoeo,, they 
are awkward to use in calculations near Eso, where 
the rate of change in z, on a linear scale, is rapid. 
By preparing the type of curve recorded in a polaro- 
gram, this effect is readily discernible as shown by 
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taking the data in Fig. 2 and replotting it in Fig. 3. 
Although, at first glance, this type of graph appears 
to be very useful, one finds that if the difference 
between the values for Loo, is large, a semilog plot 
or its equivalent mental calculation is better; if the 
difference is small, the linear plot is less satisfactory 
than the mathematical method described below. 
Hence, its usefulness is limited to a comparatively 
small range of values for the difference in Eyoe,. 
However, it is in this intermediate range that suc- 
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Electrode Potentio! - units of O O60 units 


Fic. 4. Behavior predicted for trace amounts of an 
element slightly soluble in mercury. a—b: Deposition into 
mereury followed by deposition onto its surface without 
completely covering the surface with deposit; a—b’: deposi- 
tion onto a mercury surface followed by deposition onto 
the element itself; c: behavior predicted from polarographic 
data on the assumption that the element is insoluble in 
mercury. 


cessive electrolyses are useful and the graph can be 
used to advantage in determining values for x; and 
x» which, in turn, are used in calculations common to 
all separation processes based upon partition between 
two phases (10, 13). 


Mathematical Selection of Potential for a Fractionation 


If the values of Eyoc, are close together, a counter- 
current electrolytic fractionation will probably be 
required to obtain both appreciable enrichment and 
recovery of a particular element. For an electrolytic 
fractionation, one can, after selecting a convenient 
volume ratio, calculate a potential at which “maxi- 
mum separation” is obtained. According to Bush 
and Densen (1), ‘‘maximum separation” is obtained 
in a partition process when the fraction of one ele- 
ment in one phase (mercury) is equal to the fraction 
of the other element in the second (aqueous) phase. 
From the relationships 


E, ot Sin a 0.060 log 1 - Zi 


ny Hn 


(IIL) 











and 


. 0.060 1 — 2 
: log (IV 


Ny 2 


the Bush and Densen treatment suggests tha 
maximum separation is obtained when (1 — x,) = 
v2 and x; = (1 — 22). Then, because FE, must equal 
EF, it is possible to show that 

x (1 — 22) _ ny No( Esoe, - Eiver,) 
— ~———-0,060(m + ne) 


= log 


log 
x) re 


(1 
from which one can evaluate FE, and, if desired, 
x, and x;. From the theory of separations (10), it js 
then possible to calculate the number of equilibrium 
stages required for any degree of separation of the 
two elements. 


LIMITATIONS 
Theoretical 


A fundamental factor that has been neglected js 
that of activity coefficients. By electrolyzing 4 
solution having approximately the same composition 
as that used for the polarogram, one can minimize 
the errors arising from differences in activity coef- 
ficients in the aqueous phase. However, activity 
coefficients of the metals in an amalgam present a 
difficult problem. Like any other solution the 
amalgam may show deviations due to differences 
in internal pressure of the elements such as negative 
deviations due to formation of associated species 
either of simple agglomerates of a single element or o! 
intermetallic compounds (6). Although the informa- 
tion about many systems is incomplete, one would 
ordinarily expect deviations from these sources ti 
be of the order of 0.02 v or less. 

A second limitation concerns the neglect of over- 
voltage in assuming that polarographic information 
represents equilibrium data. If the polarographic 
half-wave potential includes overvoltage, the re- 
covery of an element at a particular potential may 
increase slowly with time to give values substantially 
larger than those predicted from the polarogram. 
Depending upon which element of a pair is involved, 
such a drift may or may not be favorable to the 
separation. 

Finally, the derivation of equation (I) is based 
upon the assumption that the deposit is entirely 
soluble in mercury. If the element has only a limited 
solubility in mercury, predictions based upon polarog- 
raphy will hold only if the polarogram (as well 
the electrolysis) is obtained under conditions where 
complete amalgamation takes place. Thus, if 4 
polarogram is determined for a comparatively 1- 
soluble metal, electroseparations involving only 
trace amounts may show wide deviations from the 
predicted behavior including the formation of one o! 
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more plateaus (where x is less than unity) which 
correspond to saturation of the mercury with the 
meta! and/or to saturation of the mercury surface 
with the metal, followed by a step corresponding to 
deposition onto a surface of insoluble metal. Such 
predictions follow by analogy with the electro- 
deposition behavior of trace quantities onto solid 
electrodes (2, 11, 12). 

Fig. 4 shows a two-step trace curve with one or 
both stages displaced in the direction of easier 
reduction compared to the curve predicted from the 
polarographic data. 


Practical 


Mention has already been made of the fact that 
volumes differing by a factor larger than 100 may be 
impractical for general use. Another factor, which is 
particularly important in fractionations, is the small 
region of potential on both sides of the selected value 
which the automatic regulator cannot distinguish as 
being different from the selected value. Thus, a 
regulator designed to control to +5 mv has a 
total range of 0.01 v over which the potential can 
wander. If any electrolyses are performed close to 
a value for Hsoc;, large variations may result in 
z, and 21/2e. 

Finally, if the mercury is stirred too vigorously, 
small droplets of amalgam may be detached from 
the electrode. If this happens, a longer period is 
required to reach a steady value for the distribution 
in addition to which the recovery may be significantly 
less than predicted. 


EXTENSION TO OTHER SYSTEMS 


The application of the principles that have been 
discussed above in connection with mercury elec- 
trodes can obviously be extended to other metal 
cathodes such as gallium and to nonaqueous media 
including fused melts. For example, in the prepa- 
ration of extremely pure aluminum, one would 
anticipate from the data reported by Verdieck and 
Yntema (14) that prior electrolysis of the melt at a 
potential below that required for the separation of 
macro amounts of aluminum would remove the 
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bulk of such metals as copper, cobalt, cadmium, 
iron, and zine. 

The idea of improving an electrolytic separation 
by changing the volume ratio can also be extended to 
separations of trace amounts of elements by depo- 
sition onto solid electrodes where changes in the area 
of an inert solid electrode affect the separability of 
two trace elements. For a solid electrode, the Eso, 
is a function of the electrode area (4, 11, 12). 
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Discussion Section 











THE DISSOLUTION OF MAGNESIUM IN 
HYDROCHLORIC ACID 





B. Roald and W. Beck (pp. 277-290) 


M. E. Srraumanis': There is a certain similarity in the 
electrochemical behavior of magnesium in hydrochloric 
and titanium in hydrofluoric acid: the potentials of both 
metals become more negative (anodic) in the course of 
time, and independent of the concentration of the acid as 
the strength of the acid is increased. Further, the potential 
of the metals becomes more negative with the increasing 
rate of dissolution. 

Have you an explanation for these phenomena? 

B. Roaup: The potential of magnesium in hydrochloric 
acid drifts in an anodic direction only at low rates of agita- 
tion in acids of intermediate concentration. In general, 
the potential in weak acids drifts in a cathodic direction, 
evidently because the hydrogen overvoltage is lowered by 
heavy metals precipitating on the metal surface. This pre- 
cipitation is reduced and eventually prohibited as the 
acid concentration increases and, consequently, the steady 
state potentials become more anodic until a constant value 
is attained. 

Since the nature of the precipitate which forms on 
titanium in weak hydroftuoric acid? is not known, it is 
uncertain if it can account for the variations in steady 
state potentials as in the case of magnesium. The drift 
of the potential of titanium in an anodic direction may 
possibly be connected with the breakdown of tenacious 
preimmersion films. 


CURRENT DISTRIBUTION OVER A CYLINDER WITH 
HEMISPHERICAL ENDS 


Sidney Barnartt (pp. 311-317) 


Wm. Bium*: Has the author considered the use of an 
acid copper bath to determine the actual current distribu 
tion? The anode and cathode efficiencies in such a bath 
are nearly 100 per cent, and the polarization at low cur 
rent densities approaches zero. 

Sipney Barnarrr: The copper plating method of deter- 
mining primary current distribution’: ®»® was not studied 
in this work. A quantitative comparison with the potential 
mapping method would be most interesting. 


This Discussion Section includes discussion of papers 
appearing in the JourNaAL of The Electrochemical Society, 
98, No. 7-12 (July to December 1951). 
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A PROPOSED MECHANISM FOR THE DISCHARGE op 
THE MANGANESE DIOXIDE ELECTRODE 











D. Thomas Ferrell, Jr., and W. C. Vosburgh (pp. 334-34) 





C. DrorscHMaNn’: On the very interesting publicatioy 
by D. Th. Ferrell and W. C. Vosburgh I should like ¢ 
make some suggestions. The authors write: 






“The decrease in open-circuit electrode potential ey 
not be explained as caused by pH changes. The measured 
pH changes were variable, but in buffered electrolytes 
were seldom more than a few hundredths of a pH wit 
and often practically zero.” 










The authors used cathodes consisting of thin layers oj 
MnO, on graphite in contact with an excess of electrolyte. 
of which the pH was measured. According to my observa 
tions the pH of the anolyte of a cell may not be considered 
the same as the pH of the catholyte in the pores of the 
MnO. Previous work about the influence of the catholyte 
pH on the emf of MnO, showed that diffusion is extreme!) 
slow and incomplete by a long way*. MnO» adsorbs, eg 
NH, or Zn; these ions are adsorbed so strongly by some 
kinds of MnO, that they can be extracted by strong acids 
only. If the MnO, electrodes used by the authors had been 
extracted in vacuum and soaked with new electrolyte 
thereafter, the determination of emf would have given 
different results before and after the treatment. 

The data in Table I do not necessarily indicate that 
the assumption of a trivalent manganese compound as 
the final product of depolarization is incorrect, as the 
authors suggest. The analytically determined formula 
e.g., MnoOs, MnjQ,, etc., does not say anything about 
the depolarizing ability of the material in question. Thi 
depolarizing ability is dependent only on the presence « 
oxygen bound to Mn (IV) and ean occur also in a materia 
of the analytical formula MnO; or MnO(OH). The 
capacity of MnO, cells is sometimes in excess of 100 pe 
cent of its theoretical value of: MnO. + e — Manav 
however that must not necessarily correspond to redu 
tion beyond the state of Mn (III). Drotsehmann’® had 
found that “on light loads!” the capacity of the Mn0 
electrodes exceeds considerably the theoretical value. Au 
depolarized carbon electrodes work in NH,C! electrolyt 
without any MnO». Selwood and coworkers” proved )) 
determination of the magnetic susceptibility of Mn 
electrodes in discharge, that a second reaction—without 
reduction of MnO,—takes place in the bobbin. Brenet 
and Heraud" confirm also a “l’activité catalytique 0%) 
dante du MnO,.”’ 

I think it possible that the formation of solid solutions 
between MnO» and a lower oxide may be responsible !0! 































? Joseph Haydnlaan 59, Utrecht, Holland. 

*C. DrorscuMann, Metall, 1948, 37-41 (Fig. 1, and lines 
22-27, p. 39). 

* Chem. Ztg., 64, 244 (1940). 

10 J. Am. Chem. Soc., 71, 3039 (1949). 

1! Rev. gen. elec., 60, 17 (1951). 


















iE OF 


4-34] 


Cation 


ke to 


| Can 
asured 
oly tes 
1 unit 


vers of 
rolyte 
erva 
sidered 
of the 
nolyte 
remel) 
Ss. e yg 

y some 
Zacks 
il beet 
trolyte 
> given 


te that 
und as 
as the 
yrmula 
about 
m. The 
ence | 
nateria 
). The 
100 pet 
MnO 
redu 
in? had 
» MnO 
lue. Au 
etrolvt 
yved by 
Mad) 
without 
Brenet 


ue OX\ 


olutions 


sible tor 


nad lines 





Vol No. 6 


acer in part of the decrease in emf. The authors assume 
that ‘he diffusion (of the lower oxide) is more rapid in a 
thick layer of MnO, than in a thin one, as shown by the 
results of Fig. 3. 

\u\ I suggest that the typical graphs of Fig. 3 could 
be explained by the following hypothesis: the NH; formed 
hy discharging the cell has more influence on the pH of 
the catholyte (the electrolyte in direct contact with the 
\InO» surface) of a thin layer of MnOs than of a thick one. 
The emf reeovery curve of the thin layer is much higher 
(, = 0.06 volt) than of the thick one (A = 0.025 volt) as 
in the thick layer the NH, is more strongly bound than in 
the thin one. 

W. C. Vossurcu: We have observed the effect of dif- 
ferences between anolyte and catholyte pH and the slow- 
ness of diffusion in some more recent work with electrodes 
of a different type. It is probable that the same or a related 
effect causes the observed decrease in electrode potential 
of fresh electrolytic electrodes when first put into electro- 
lyte. In the experiments under discussion with electrolytic 
electrodes we believe this effect could account for only a 
small part of the decrease in electrode potential on dis- 
charge. The electrodes were brought to equilibrium with 
the electrolyte before the discharge. In Fig. 5 the effect 
of sudden changes in pH on an electrolytic electrode is 
shown. Most of the resulting change in potential took 
place before a measurement could be made, and there 
was practically no change after 30 minutes. The total 
change was of the expected order of magnitude. There- 
fore, diffusion between the solution and the place where 
the pH influences the electrode potential must be fairly 
rapid in this type of electrode compared with the recovery 
from polarization. 

Further experiments are needed to explain satisfactorily 
the excess capacity in Table I. While air was not excluded 
n the experiments, it is by no means certain that enough 
oxygen could reach the electrode by diffusion or other- 
wise to account for the facts. The effect of the composition 
of the solution on the excess capacity must also be ex- 
plained. The potential of a carbon electrode without 
manganese dioxide, but with oxygen adsorbed from air, 
is variable but less than that of manganese dioxide electrode 
in the same electrolyte. Sufficient polarization of the latter 
would make possible the reduction of oxygen, however. 

The explanation of the effect of thickness of the manga- 
nese dioxide layer, shown in Fig. 3, in terms of pH and 
the effect of the ammonia formed is related to the im- 
portance of these factors in the polarization itself. If we 
can regard them as minor factors in polarization as 
argued above, they must also be minor factors with 
respect to the effect of thickness. However, it may be 
possible to investigate this question by further experi- 
ments 


THE ROLE OF THE CATION IN THE ELECTRICAL 
DOUBLE LAYER 
David C. Grahame (pp. 343-350) 


J.0’M. Boexrts”: I think that Dr. Grahame is being 
4 little unfair to Stern’s theory in some of the statements 


* Imperial College, London, 8. W. 7, England. 
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which he makes in his paper. Thus, to exemplify its weak- 
nesses in the case of KI solutions, where the specific ad- 
sorption is very marked, does not appear a very cogent 
criticism as Stern’s theory is not exactly subject to quanti- 
tative test for solutions in which strong specific adsorption 
is present. 

Dr. Grahame’s explanation of the constaney of the 
capacity of the electric double layer at mercury electrodes 
with differing cations appears to be essentially that the 
capacity is mainly due to the adsorbed water and that 
the ions have little effect; he also adduces a displacement 
of the ion’s solvent sheath from its normally symmetrical 
configurations to one in which it is all displaced to the 
solution side. Whilst I do not consider that there is con- 
clusive evidence against either of these concepts, I think 
they are not strongly favored. The constancy of capacity 
can be explained by assuming a tetrahedral distribution 
within the hydration sheath, and assigning the primary 
hydration number to the ion. As came to light in a joint 
discussion between Dr. Debye, Dr. Grahame, and myself, 
the compressing effect of the electrode field upon the ions 
in the double layer would also tend to make the capacity 
constant. 

Davip C. Graname: The Bohr theory of the atom 
represented a marked advance in our understanding of 
atomic structure, but it was not the last word. I feel 
much the same way about the Stern theory of the elec- 
trical double layer. To point out its defects is not to deny 
that it represented a long step in the right direction. I 
use the specific adsorption of anions to point up the de- 
fects of the theory because the discrepancies cannot in 
this case be tucked away in the adjustable parameters of 
the theory. The disagreement is fundamental, however, 
and has to do with the experimentally observed fact that 
adsorbed anions do not alter the potential of the electro- 
capillary maximum either qualitatively or quantitatively 
as predicted by the theory. This has nothing to do with 
the mathematical formulation of the theory but reflects 
a basic flaw in the postulate that adsorbed anions lie in 
the same plane as the plane of closest approach of the 
cations. Stern himself mentioned the possibility that this 
might not be so. What I have tried to stress is that it is 
not so, and that it matters. 

In the second paragraph of the comments by Professor 
Bockris the opinion is expressed that the comparatively 
constant value of the capacity of the double layer at 
mercury electrodes observed on changing the cation can 
be explained by assuming a tetrahedral distribution (of 
water molecules) within the hydration sheath. Without 
entering into the details of the matter here, I may say 
that I tend to agree with Professor Bockris on this point 
and may ultimately find it necessary to publish a revision 
of the arguments contained in the originai paper. 

Finally, I should like to point out that the electrical 
properties of the interface on cathodic polarization were 
not ascribed by me to adsorbed water at the interface, but 
just to water. 


18 J. O’M."Bocxris, Quart. Rev., 3, 173 (1949). 
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VAPOR DEPOSITION OF METALS ON CERAMIC 
PARTICLES 


James E. Cline and John Wulff (pp. 385-387) 


K. W. J. Bowen": It is particularly important that the 
structures of high temperature materials should be as 
stable as is possible at operating temperatures so that the 
deterioration of high temperature properties, which might 
otherwise occur, could be kept to a minimum. Experience 
has shown it to be dangerous to predict high temperature 
performance on the basis of data obtained at appreciably 
lower temperatures. In the very interesting field in which 
the authors have been working, have they been able to 
gather any details of the high-temperature behavior of 
these low-temperature plated materials, and is there any 
evidence that structure alterations occur? 

James FE. Cuine ano Jonn Wutrr: We have no results 
on the high-temperature behavior to report at the present 
time 

Josepx 8. SmatrKo!®: Does your work give an indication 
of the origin of the carbon or graphite? 

Does the carbon originate from the titanium carbide 
with subsequent formation of a solid solution of TiO in 
titanium carbide and coincident decomposition of the 
metal carbonyl or CO? Or, does the carbon originate 
solely from the metal carbonyl or the CO that results 
from the decomposition of the carbonyl? 

James E. Cuine aAnp Joun Wutrr: We have no further 
evidence of the mechanism of the carbon formation. It 
does not seem possible that the carbon could originate 
in the titanium carbide at the relatively low temperature 
of the reaction. Carbon monoxide in the absence of nickel 
carbonyl did not produce carbon when passed over ti- 
tanium carbide. 


PRODUCTION OF DUCTILE VANADIUM BY CALCIUM 
REDUCTION OF VANADIUM TRIOXIDE 


E. D. Gregory, W. C. Lilliendahl, and D. M. Wroughton 
(pp. 395-399) 

A. C. Loonam"*: Dr. Marden’s discovery of calcium 
chloride as a flux in the reduction of refractory oxides by 
metallic calcium deserves special comment. Later work 
has shown the reason for the excellent fluxing properties 
of the calcium halides. They are only slightly volatile 
and, in the liquid state, they are good solvents for both 
metallic calcium and calcium oxide. 

Aaron WEXLER AND WixuiAM 8. Corak": The extent 
of the presence of the Meissner effect in a superconductor, 
i.e., the zero magnetic permeability property, is a sensitive 
funetion of the physical and chemical purity of the sample. 
Inasmuch as vanadium in bulk form suitable for magnetic 
measurements has not been available previously, the mag- 
netic induction vs. applied field relation was investigated 
for a specimen of annealed vanadium prepared by Mr. 
Gregory 


'*3 Alexander Road, Newcastle-upon-Tyne, England. 

‘6 Department of Chemical Engineering, University of 
Maryland, College Park, Md. 

16 70 East 45th Street, New York 17, N. Y. 

17 Westinghouse Research Laboratories, East Pittsburgh, 
Pa. 


While this material evidenced superconductiy: 


temperature somewhat below the normal helium boiling 


point, the data indicate the complete absence of thp 
Meissner effect. Further work is contemplated, ainied at 
correlation of this behavior with the purity of the n terial 


THE FREE ENERGY DIAGRAM OF THE VANADIUM. 
OXYGEN SYSTEM 


N. P. Allen, O. Kubaschewski, and O. von Goldbeck 
(pp. 417-424) 

EARL A. GULBRANSEN™: (1) Is there a definite compound 
VO, (VO.) since no x-ray diffraction structural data has 
been reported? 

(2) Is there any information concerning the free energy 
of the oxide observed by Aebi, namely VOs,;;? 

A. C. Loonam"*: Referring to Dr. Gulbransen’s question 
regarding V.O,, this oxide has the rutile crystal structure 
in one modification. Logically, therefore, its formula should 
be VOs, similar to that for titanium dioxide. 

N. P. ALLEN, et al.: Dr. Gulbransen’s question regarding 
the structure of VO, has been adequately answered by 
Mr. Loonam. A relevant reference is given in our paper 
Dr. Gulbransen’s second question is dealt with on p. 418 
of the paper. It appears from a comparison of Flood and 
Kleppa’s results with the other data obtained in the paper 
that VO. is a stable compound. Its heat of formation 
from the two neighboring phases 


2 VL0Os + 8 VO = Vi20re, 


SH» = —6,100 cal is, however, numerically rather low 

ALAN U. Seysour'*®: The oxygen content of vanadium 
metal made by calcium reduction at the General Electri 
Company (Knolls Atomic Power Laboratory) has usually 
been in the range of 0.01 weight per cent or lower in the 
best grade of metal. This suggests that the figure of about 
0.1 per cent oxygen in vanadium solid solution in equilib 
rium with calcium mentioned by Dr. Allen is considerab! 
too high. 

N. P. Aen, et al.: In answer to Dr. Seybolt we woul 
draw attention to the remark on p. 422 of our paper. The 
results in question are obtained at widely different tem 
peratures and therefore cannot be compared. We have 
however, stressed the point that our results represent 
maximum values and, in addition, corresponding results 
recently obtained with the titanium-oxygen system sug 
gest that the presence of iron may increase the activit) 
of oxygen in transition metals. Since the work on va 
nadium-oxygen was carried out in steel crucibles, it 
not inconceivable that the results of Fig. 2 are too high 
by a factor of about 2. 


THE ANODIC DECOMPOSITION OF HYDROGEN 
PEROXIDE 


A. Hickling and W. H. Wilson 425-433) 
J. O’M. Bocxris®: I should like to ask Dr. Hickling 


how, on the basis of his theory of reactions at electrodes 


‘8 Westinghouse Research Laboratories, East Pittsburgh 
Pa. 

1 Knolls Atomic Power Laboratory, Schenectady, N.Y 

2° Imperial College, London, 8.W.7, England. 
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invol\ ig HxO», he would expect the potential of a plat- 
inum «cetrode in the absence of current to depend upon 
‘@) the coneentration of H,O, and (b) the presence of 


oxygen in both acid and alkaline solutions; also, I should 
like ty ask him how it is possible, upon the basis of the 
theory which he has presented, to calculate a numerical 
value for the potential of an inert electrode in a solution 
of known composition of H,O, and known pH? 

A. Hicxurna: The present work was concerned pri- 
marily with the mechanism of the reactions taking place 
when electrodes are anodically polarized in the presence 
of hydrogen peroxide, and we have not specifically con- 
sidered the nature of the static potentials set up by 
hydrogen peroxide at inert electrodes. It is possible, how- 
ever, in the light of the results obtained to make some 
suggestions which may be helpful in this field. Thus it 
has been shown that in strongly alkaline solutions a com- 
mon anodie reaction, having the characteristics of a 
simple electronic process, takes place which can be formu- 
lated as HOF — 2e = O. + H. It is unlikely that this 
process takes place in a single step; the first stage is 
probably the discharge of the perhydroxyl ion to give 
the perhydroxyl radical HO». Recent investigation by 
Evans, Hush, and Uri® has suggested that this radical 
is a fairly strong acid and in alkaline solution will dis- 
sociate almost completely into H* and O ; ions; at an 
anode, this will be immediately followed by the discharge 
of the Og ion to give gaseous oxygen. The total process 
can therefore be represented 

HO, —e = HO: 


HO, = Ht + OF 
O; —e =0, 


and in strongly alkaline solutions, where the concentration 
of the intermediate HO, radical is very low, it seems likely 
that the process is reversible throughout. In these circum- 
stances the static potential taken up by inert electrode 
should be given by the equation 


RT ty 202 8 ' , , aT V0. RT 
1 = 


7 = 7% + , Ty + ‘ 
2F HO? 2F AH202 


In an+ 
The careful work of Berl®* has shown that the potentials 
set up at porous carbon electrodes in alkaline solutions of 
hydrogen peroxide are in agreement with an equation of 
this type and he has calculated the appropriate numerical 
values; there seems to be no reason why other inert 
electrodes including platinum should not behave quite 
similarly provided they present « suitably extensive sur- 
lace to secure intimate contact between oxygen and the 
solution 

In neutral and acid solutions the position is funda- 
mentally different. The present work has shown that no 
common simple electronic process occurs on electrolysis 
and this is probably due to the very much lower degree 
of ionization of the HO, radical at these lower pH values; 
on anodie polarization, therefore, the decomposition of 
the hydrogen peroxide proceeds by different routes as 


| has been shown. In the absence of current, however, an 


initial step, which may be represented as HOT — e¢ = 


| Private communication; work to be published shortly. 
* Trans. Electrochem. Soc., 83, 253 (1943). 


HO, or HO. — e = H* + HOs, may well take place at 
an inert electrode, but the concentration of the perhy- 
droxyl radical may not be able to attain the equilibrium 
value for the subsequent steps postulated in alkaline 
solution owing to chemical decomposition, saturation of 
the electrode surface, or to interaction with metallic 
oxides. Thus the static potential set up will be given by 
an equation of the form 


r RT 
x= mm + . In = = ri i RT HO, + 


In an+ 
F aHoy F QH202 F 


where ayo, is dependent upon incidental electrode factors. 
In these circumstances the potential would vary linearly 
with pH value, but be independent of oxygen pressure, 
and would not necessarily be dependent in any simple 
way upon the concentration of hydrogen peroxide; caleu- 
lation of a numerical value of potential at present is 
obviously precluded here by lack of adequate data. 

So. 8. Jarre™: It appears that oxidation of peroxide 
at the anode is favored by alkalinity, while reduction at 
the cathode is favored by acidity*. Perhaps a simple 
explanation for this is that at the anode HO, is attracted 
while H,O, is not, whereas at the cathode HO? is repelled 
while H,Oz is not. 

A. Hickurne: Your suggestion that the influence of 
alkalinity and acidity on the anodic decomposition and 
cathodic reduction of hydrogen peroxide is due to the 
attraction and repulsion of the HO, ion in the two cases 
is very simple and ingenious and probably contains a large 
measure of truth. I am not myself very familiar with 
the cathodic phenomena in this case although I know, of 
course, of your own work in this field. 


ANODE POLARIZATION EFFECTS OF NICKEL IN 
SULFURIC ACID 


Dennis R. Turner (pp. 434-442) 


T. P. Hoar®: J. A. 8. Mowat and I have studied the 
electropolishing of nickel in sulfuric acid/water mixtures; 
we believe it takes place through the formation of a solid 
film and its simultaneous dissolution at its outer sur- 
face*®, The process is very similar to the passivity de- 
scribed by the author and previously by W. J. Miller’, 
in which the oxide film is only slowly soluble in the acid. 
We do not now think, however, that the solid nickel 
sulfate film, postulated by the author and by Miiller, is 
a necessary concept. We think that the “induction period’ 
before passivity or electropolishing commences may be 
more simply explained by a progressive decrease of hydro- 
gen-ion concentration in the electrolyte next to the anode, 


**The Edison Laboratory, Thomas A. Edison, In- 
corporated, West Orange, N. J. 

*4R.S. Weisz anv S.S. Jarre, J. (and Trans.) Electro- 
chem. Soc., 98, 128 (1948). 

25 Department of Metallurgy, University of Cambridge, 
Pembroke Street, Cambridge, England. 

*°T. P. Hoar anv J. A. S. Mowat, Nature, 164, 64 
(1950). 

27 W. J. Mituier, Stz. Acad. Wiss. Wien, 136, 559 (1927): 
W. J. Mijtter, H. K. Cameron, anp W. Macnv, ibid., 140, 
501 (1931); W. J. M@éLuer anp E. Léw, Z. Elektrochem., 39, 
872 (1933). 
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by ionic migration; in due course, the pH becomes high 
enough for oxide precipitation, and passivity sets in. We 
hope to study the matter further using optical techniques 
for the recognition of surface films on the anode. 

D. R. Turner: The so-called “induction period” prior 
to passivity was attributed to a solid nickel sulfate film 
since this assumption appeared to satisfy all the observed 
experimental effects. 

The mechanism proposed by Dr. Hoar has considerable 
merit. In this process, the sole reaction at the anode during 
the “induction period” would be nickel dissolution. 


ELECTRODEPOSITION BEHAVIOR OF TRACES OF 
SILVER, PARTS II AND Ill 


John C. Greiss, Jr., John T. Byrne, and L. B. Rogers 
(pp. 447-456) 


and 


CRITICAL INTERPRETATION OF ELECTRODEPOSI- 
TION STUDIES INVOLVING TRACES OF ELEMENTS 


John T. Byrne and L. B. Rogers (pp. 457-463) 


T. P. Hoar®®: In attempting to produce electrodeposited 
films of copper about 100-500 A thick upon platinum, I 
found some time ago that a very irregular deposit, clearly 
beginning from a limited number of nuclei, was formed. 
Have the authors any data for the production of the 
first atomic layer of copper on platinum? 

The production of either a nearly complete monolayer 
or a large number of thicker, discrete metallic particles 
must have a close relation to the build-up of electro- 
deposits as monocrystals showing epitaxy with the sub- 
strate metal or as random polycrystalline deposits. Have 
the authors attempted such a correlation of their results 
with metallographie and crystallographic data? 

L. B. Rocers: The answer to both of Dr. Hoar’s ques 
tions, in paragraphs one and two of the above discussion, 
is no 


REFRACTORY BODIES COMPOSED OF BORON AND 
TITANIUM CARBIDES BONDED WITH METALS 


James A. Nelson, Tracy A. Willmore, and 
Raymond C. Womeldorph (pp. 465-473) 


Frank W. Guiaser™: The authors have described the 
reaction B,C + TiC — TiB, + C known to occur because 
of the relative instability of B,C. A similar reaction occurs 
for the mixtures B,C + ZrC, and upon heating this mix- 
ture to temperatures above 1200°C, one obtains the 
diboride ZrB, + C. 


BC + Tit > TiB:+C 
El. resistivity microhm-cm 2570 69 > 15 
Transverse rupture 
strength, psi 44,000 110,000 — 25,000 
BC + ZrC + ZrBs+C 
El. resistivity microhm-cm 2570 65 .. | 
Transverse rupture 
strength, psi 44,000 32,000 — 18,000 


* American Electro Metal Corporation, 320 Yonkers 
Avenue, Yonkers 2, N. Y. 


June 1959 


It is interesting to observe the change in some )hysica| 
properties, such as electrical resistivity and tr cngyers, 
rupture strength that accompany these reactions A brie 
survey of such changes in properties is given in tlie tahje 

These data clearly indicate a favorable change with 
regard to the electrical resistivity, and a rather unfayoy. 
able change with respect to the transverse rupture strengt| 
of the final products. The latter discrepancy is believed 
due to the presence of free carbon. 

It is known, however, that ZrB, should have transverse 
rupture strengths in excess of 120,000 psi if properly 
bound, and a strength of about 26,000 psi without binder 
It appears that the above method is not suitable for the 
production of strong ZrB. bodies. 

James A. Newson, et al.: Mr. Glaser’s information is ap 
interesting adjunct to the paper and gives support to the 
idea that borides should be used as initial components o| 
refractory bodies. 

H. M. Greennouse And O. E. Accountius®: Afte; 
heating mixtures of TiC — B,C in an argon atmosphere 
at 3800°F, no TiC lines can be found in the binary system 
TiC — B,C when the concentration of TiC is less than 
70 weight per cent. No B,C is present in this binary for 
concentrations of B,C less than 60 weight per cent 

In addition to the presence of TiBz, another phase is 
found. This phase has been labeled TiB,, where x has beer 
qualitatively determined from the distribution of x-ra 
diffraction intensities and appears to be approximately 
equal to ten. 

Hot pressing at 3700°F favors the formation of Tib 
and some TiB, with the reaction being essentially com 
plete in five minutes. 

James A. Newson, et al.: Calculations based on tl 
stoichiometric ratio of ByC and TiC to produce Ti 
indicate that B,C should still be present in binary mi 
tures when used in concentrations as high as 60 weight 
per cent. While not simple binary mixtures, some of th 
experimental compositions still had B,C present wh 
the concentration of this material was less than 60 ) 
cent. The TiB, phase was not detected by the autho 
Perhaps the formation of this phase, with its higher 
boron-titanium ratio, explains why B,C disappeared when 
theoretically at least, it should still have been present 
in some of the mixtures reported by Messrs. Greenhous 
and Accountius. 

Oxtver C. Ratston®: The table of the most promising 
mixtures worth further attention shows many with hig! 
titanium carbide content. It would, therefore, appear wis 
to incorporate part of the titanium as metal in the mi 
ture, to unite with carbon released by the mixtures ©! 
carbides. Have the authors done this? 

The fact that heat treatment of these compacts results 
in serious weakening would make it appear that these 
mixtures should be handled in one of the hot pressing 
schemes. One of the less-known methods, backed by the 
Navy, is a hot-pressing flash-sintering method with p- 
paratus in existence at the Naval Experiment Station, 
Annapolis, and at Rensselaer Polytechnic Institute. The 

*QOhio State University, Engineering Experimet! 


Station, Columbus 10, Ohio 
* U. 8. Bureau of Mines, Washington 25, D. C. 
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Bureati vt \lines also has one at Norris, Tennessee. Have 
any of vour mixes been pressed in this way? 

Tams ~ A. Neuson, et al.: The addition of titanium to 
bodies composed predominantly of TiC is an effective 
method of “tying up” the free graphite formed in the 
reaction between TiC and B,C. However, in this process 
the B,C must necessarily be completely converted to 
Ti». The end products of ternary mixtures composed of 
3,¢ — TiC — Ti are entirely dependgnt upon the ratios 
of the constituents. In no case can B,C and TiC, or ByC 
and Ti be expected to co-exist since TiB, is the more 
table compound. Free graphite can only be present in 
conjunction with By and TiB:. Adding titanium to such 
mixtures would first convert B,C to TiB, until no B,C 
mained. Then the titanium would react with the graphite. 

None of the experimental bodies have been subjected 
ty hot pressing. It is entirely possible that beneficial effects 
vould result from the use of this technique. 

Giorpon R. Fintay*®: 

|. Boron carbide containing excess boron is now avail- 
‘ble from Norton Company as Type 368. Such a material 
chould be useful in further studies of these systems. 

2 Carbon titanium mixed borides (B,C/TiBe. com- 
positions) are being made and sold by Norton Company. 

3. Most of the bodies discussed in this paper were 
affected unfavorably by the presence of free C. Means 
for binding this carbon or controlling its distribution can 
no doubt be found. An analogy with the case of C in 
steels, cast irons, and iron alloys will indicate the breadth 
of the possibilities. 

James A. Newson, et al.: The information volunteered 
by Mr. Finlay was most welcome. Methods of controlling 
the troublesome free graphite are under study. 

S. SinpEBAND™: The fact that larger additions of ByC 
result in larger contents of TiBs and that this is accom- 
panied by loss of strength should not be misconstrued to 
mean that TiBe is a poor material itself. This can be 
interpreted to mean that no suitable binder was present 
for the TiBs in the compact. 

James A. Newson, et al.: The authors coneur with Mr. 
‘indeband that their findings should not be misconstrued 
to mean TiB» itself is a poor material. The work reported 
in the paper indicated strongly that bodies composed 
initially of borides should be studied. The authors have 
heen engaged in such work for several months and TiBs 
has been used extensively with some promising results. 

C. G. Gorrze.®: I wonder whether the authors have 
considered adding a binder such as boron or another 
suitable element to the boron-titanium carbide bodies in 
order to absorb the graphitic carbon deposited. 

James A. Newson, et al.: Since the preparation of the 
paper under discussion, some work has been done in 
which other elements were added to react with the re- 
eased graphite. Titanium accomplishes this effectively 
i those compositions which contain TiC, TiBs, and C as 
lired produets. Promising results have also been obtained 

‘Norton Company, Niagara Falls, Ontario, Canada. 


*Mereast Corporation, 295 Madison Avenue, New 


York 17, N. Y, 
‘Sintereast Corporation of America, Yonkers, N. Y. 
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with silicon, which, it has been reported by other labora- 


tories, does not react with boron at temperatures approach- 
ing those used in this investigation. Boron has not been 
tried but it appears that this material would have merit 
as an additive in compositions containing B,C, TiBe, and 
C as fired products. 


PREPARATION AND SOME PROPERTIES 
OF HAFNIUM METAL 


Felix B. Litton (pp. 488-494) 


Pot Duwez*: The existence of an allotropic transforma- 
tion in hafnium was studied recently at the California 
Institute of Technology. Using the helium quenching 
technique of Greninger, a thermal arrest was found at 
1310 + 10°C, indicating the existence of an allotropic 
transformation. The transformation temperature was not 
affected by rates of cooling up to 8000°C /second. Analysis 
of the structures of a series of hafnium and columbium al- 
loys containing from 10 to 90 per cent columbium revealed 
that the high temperature form of hafnium is body 
centered cubic, and hafnium is, therefore, very similar 
to zirconium and titanium. The results of this investiga- 
tion have been submitted for publication in the Journal 
of Applied Physics. 


MECHANICAL PROPERTIES OF ARC-CAST AND 
POWDER METALLURGY MOLYBDENUM 


James H. Bechtold and Howard Scott (pp. 495-504) 


K. W. J. Bowen*: I should like to ask the authors 
whether the presence of very small amounts of other 
elements in the molybdenum composition had any effect 
on the transformation temperature from ductile .to brittle 
fracture. 

James H. Becurotp anp Howarp Scorr: Small 
amounts of other elements, especially those with low 
solid solubility such as carbon, oxygen, or nitrogen, un- 
doubtedly have an effect on the ductile-brittle transition 
in molybdenum. The effeéts of these elements were not 
studied individually but it is interesting to note that the 
cast and powder metallurgy molybdenum had approxi- 
mately the same transition temperature, although the 
former had about ten times as much carbon and about 
one-tenth as much oxygen as the latter. The amount of a 
foreign element is probably not as important as how the 
element occurs in the metal, i.e., whether it occurs in a 
solid solution, or as a precipitate in the grain boundaries, 
or as a precipitate uniformly distributed throughout the 
matrix. Attempts to determine the effects of foreign ele- 
ments without adequate prior knowledge of how the 
element occurs in the metal and the microstructure of 
the metal could, I believe, lead to some incorrect con- 
clusions. However, the effects of impurities on the ductile 
to brittle transition of molybdenum are being studied. 

Small amounts of elements, such as tungsten, that are 
highly soluble in molybdenum do not appear to have a 
pronounced effect on the ductile to brittle transition. 


% California Institute of Technology, Pasadena, Calif. 
853 Alexander Road, Newcastle-upon-Tyne, England. 
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FUTURE MEETINGS OF 


The Electrochemical Society 


aos 


Montreal, October 26, 27, 28, 29, and 30, 1952 


Sessions on 


Corrosion, Electric Insulation, Electrodeposition, 
Electro-Organic Chemistry 


Headquarters at the Mount Royal Hotel 


New York, April 12, 13, 14, 15, and 16, 1953 
Sessions on 
Electric Insulation, Electronics, Electrothermics, 
Theoretical Electrochemistry 


Headquarters at the Statler Hotel 


Wrightsville Beach, N. C., September 13, 14, 15, 16, and 17, 1953 


Headquarters at the Ocean Terrace Hotel 


Papers are now being accepted for the meeting to be held in Montreal. 
Abstracts (not exceeding 75 words in length) are due at the Secretary's Office, 
235 West 102nd Street, New York 25, N. Y., not later than August 1, 
1952. Complete manuscripts should be sent in triplicate to the Editor of the 
JOURNAL at the same address. 








